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Abstract 
The formation of mercury sulfide nanoparticles (β-HgS(s)nano) from inorganic mercury (HgII), 
dissolved sulfide, and marine DOM extracted from: Eastern Long Island Sound, Western Long Island 
Sound and at the shelf break of the North Atlantic Ocean was studied. All the DOM used led to the formation 
of stable β-HgS(s)nano however, DOM extracted from the shelf break was less effective at inhibiting growth 
of β-HgS(s)nano relative to coastal DOM. It is also shown that the β-HgS(s)nano are stable in the dark and in 
the absence of oxygen, but that they slowly aggregate in the presence of light and oxygen. Aside from the 
precipitation of β-HgS(s)nano from dissolved species, we also show that Hg containing nanoparticles can 
form in the environment from the interaction of HgII with metal sulfide nanoparticles. Using steady-state 
and time-resolved fluorescence measurements we show that HgII forms a strong complex with CdS(s) 
quantum dots. 
 We further demonstrate that HgII added to sediment slurries as β-HgS(s)nano was methylated by Hg 
methylating bacteria more than when HgII was added to the sediment as microparticles of β-HgS(s). Thus, 
contrary to popular belief, the precipitation of β-HgS(s) in sediments does not always limit the availability 
of HgII to methylating bacteria. We also found that HgII added to sediment slurries as HgII complexed to 
thiol groups on DOM is more bioavailable for methylation than other complexes of HgII with reduced sulfur 
that are commonly found in the environment, and at least 2 times more than HgII added to the sediment 
slurries as Hg(aq). The enhanced availability of HgII-DOM complexes in sediment slurries, shown here, 
has not been demonstrated before. 
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 Lastly, we show that methylmercury (MeHg) is converted to dimethylmercury (DMeHg) from the 
adsorption or complexation of MeHg on metal sulfide surfaces or on low molecular weight thiols, 
respectively. Based on the measured production rates of DMeHg in our experimental solutions and on the 
saturation level of surface sites of mackinawite, we propose a reaction mechanism involving two MeHg 
groups adsorbed on reduced sulfur sites. We suggest that our mechanism could be an important source of 
DMeHg to ocean waters, which remain largely unknown. 
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1. Introduction 
1.1. Background and Rationale 
1.1.1 Exposure and Toxicity of Mercury in the Environment 
Mercury (Hg) is a naturally occurring element existing primarily as cinnabar (α-HgS(s)) in the 
earth’s crust. It is released to the water, land and air naturally from the weathering of minerals and from 
volcanic and hydrothermal emissions. With the industrial revolution came intense use of fossil fuels, mining 
activities and waste incineration. Due to such activities, the anthropogenic sources of Hg to the atmosphere 
significantly increased and today, the concentration of Hg in the atmosphere is enriched by up to 500% 
relative to the pre-industrial era.1-3 Anthropogenic Hg is mostly released to the atmosphere in gaseous form 
as elemental mercury (Hg0). The residence time of Hg0 in the atmosphere is about one year; hence it can be 
transported over long distances before it is oxidized to HgII and deposited to land and water by wet and dry 
deposition.2,4 
In anoxic environments, mainly in the sediment, HgII is intracellularly converted to methylmercury 
(MeHg) by sulfate and iron reducing bacteria.5-8 The bacteria are suggested to take up dissolved neutral 
HgII complexes by passive diffusion across the cell membrane.9 It has also been suggested that Hg-thiol 
complexes are taken up accidentally by the bacteria via active transport using a divalent metal ion 
transporter for essential elements like Zn.10 The mechanism for the bacterial transformation of HgII to MeHg 
was recently shown to involve two types of proteins: a coronoid HgcA protein (the methyl carrier) encoded 
by the hgcA gene and a 2[4Fe-4S] ferrodoxin HgcB protein encoded by the hgcB gene.11 Why the bacteria 
methylate HgII is unclear, however, it has been hypothesized that the bacteria methylate HgII to facilitate its 
transport out of the cell. Thus, Hg methylation by the methylating bacteria would be a detoxification 
mechanism for the bacteria.10,12 The MeHg released by the bacteria can be taken up by phytoplankton via 
passive or active transport from the water column and by benthic organisms from the sediment.13-16 Inside 
organisms, MeHg accumulates in lean tissues due to its high affinity for sulfhydryl groups on proteins.17 
As methylation mostly occurs in aquatic ecosystems and because MeHg bioaccumulates and biomagnifies 
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up the food web, aquatic organisms contain high levels of MeHg relative to terrestrial organisms.18 Thus, 
human exposure to MeHg mainly occurs through the consumption of fish, with more than 90% of the US 
fish eating population consuming marine and estuarine fisheries.3,18,19 
 
 
Fig. 1: A simplified illustration of the biogeochemical cycling of mercury in the environment. Adapted 
from ‘Cracking the Mercury Methylation Code’ by A.J. Paulain and T. Bakar, 2013, Science. 339:1280-
1281. Copyright (2013) American Association for the Advancement of Science. 
 
The toxicity of MeHg became widely known after the poisoning event in Minamata Japan, when a 
chemical company (Chisso Corporation) released their waste water containing MeHg into Minamata Bay. 
The MeHg was inadvertently produced during the production of acetaldehyde from acetylene gas and 
H2SO4 using HgO as a catalyst. Following increased production of acetaldehyde in the 1950’s and 1960’s, 
severe neurological effects were observed in fish, cats, birds and humans.20 For humans, MeHg poisoning 
led to a disease now called the Minamata disease, whose effects include difficulty walking and speaking, 
blindness, fetal abnormalities, microcephaly and death.21 Today, exposure to lower levels of MeHg is more 
common with the effects augmented in developing fetuses and children. The neurodevelopmental effects 
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of chronic low level exposure to MeHg include delays in neurocognitive development, losses in IQ, 
impaired motor development, cardiovascular effects and endocrine disruption.21,22 About 6.92 million 
women of child-bearing age in the US are estimated to have Hg levels of concern.23 In fact, the most 
common reason for fish consumption advisories in the US and EU countries today, is the concern for Hg 
contamination in fish.  
In addition to the severe toxicity posed by exposure to MeHg in fish, the long-range transport of 
Hg0 across the globe raises ethical questions on issues of transboundary pollutants. A case in point is that 
of the pristine Arctic ocean where the source of anthropogenic mercury to the ocean is predominantly from 
long-range transport.24 In addition, the diet of the Northern Peoples in the Arctic is composed mostly of 
seafood, including marine mammals.24 A study by the Arctic Monitoring and Assessment Program 
(AMAP), reported that more than 50% of mothers and women of child-bearing age have blood levels that 
exceed 5.8 µg/L—EPA’s safe limit.24 In some Northern communities, mercury levels as high as 40 µg/L 
have been recorded for mothers, pregnant women, and women of child bearing age.24 Limiting sea food 
consumption in these communities and others is not a viable solution as this not only interferes with cultural 
practices and traditions, but also denies people of the economic and nutritional benefits of consuming fish. 
To address the low level chronic exposure to Hg that many fish-eating populations across the world 
face, the United Nations Environmental Program (UNEP) has promoted negotiations that have led to a 
multilateral agreement (the Minamata Convention) between nations, requiring them to limit Hg use and 
emissions to the environment. One challenge in the implementation of the Minamata Convention has to do 
with the lack of a good understanding of the factors that influence the transformation of one mercury form 
to another.25 Relating changes in Hg emissions to MeHg concentrations in fish, is thus a challenge. The 
forms of Hg commonly encountered in the environment include Hg0, HgII, MeHg and dimethylmercury 
(DMeHg). Apart from reactions responsible for the interconversion of one form to another; the 
biogeochemistry of each differs. For example, HgII can be converted to HgS(s), effectively reducing the 
concentration of mercury in the environment; MeHg is the form of Hg that bioaccumulates in organisms; 
and Hg0 and DMeHg are volatile species that are evaded from land and water and transported across the 
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globe. The conversion of one form to another changes the biogeochemistry of Hg and determines the 
exposure level and toxicity to populations.  
As a soft acid, mercury binds strongly to reduced sulfur (a soft base). Many of the transformation 
reactions therefore, involve the association of Hg to reduced sulfur compounds. A good understanding of 
the biogeochemistry of mercury requires knowledge of its reactions with reduced sulfur species. In aquatic 
systems, mercury forms stable complexes with inorganic sulfide and thiol containing ligands (represented 
here as RS-) in dissolved organic matter (DOM).18,26-28 The stability constants of the complexes formed 
between mercury and these ligands is much higher than for other mercury complexes, as shown in Table 1. 
Consequently, in sediment pore water where DOM and inorganic sulfide concentrations are substantial, 
mercury is found predominantly bound to these ligands.18,27,29 
 
Table 1. The thermodynamic stability constants for common complexes of mercury and methylmercury 
found in natural waters30 
 
Reaction log K 
MeHg + + RS- = MeHgSR 16.50 
MeHg+ + HS- = MeHgSH 14.50 
MeHg+ + OH- = MeHgOH 9.37 
MeHg+ + Cl- = MeHgCl 5.25 
Hg2+ + 2 Cl- = HgCl2 14.00 
Hg2+ + 2 OH- = Hg(OH)2 22.23 
Hg2+ + 2 HS- = Hg(HS)2 37.71 
Hg2+ + HS- = HgS (s) + H+ 36.81 
Hg2+ + 2 RS- = Hg(SR)2 42.00 
 
1.1.2. The Interactions of HgII with Reduced Inorganic Sulfur  
One of the most studied transformation of mercury is that involving the conversion of HgII to MeHg 
by mercury methylating bacteria. The conversion of HgII to MeHg has been shown to depend on bacterial 
activity and the bioavailability of HgII complexes.31 As sulfate reducing bacteria (SRB) are mostly the 
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bacteria involved in the methylation process, and because mercury methylation occurs during the 
degradation of organic matter; one of the most dominant mercury complexes present in these environments 
are those of mercury and dissolved sulfide which has been generated from the degradation of organic matter 
(represented here as CH2O) by SRB (Eqn. 1):  
 
                       2CH2O + SO42-   →   H2S + 2HCO3- (1)  
 
The complexes formed between mercury and reduced sulfur have been shown to differ in their 
availability for uptake by methylating bacteria.9 Dissolved complexes that form between mercury and sulfur 
include HgS0, Hg(SH)2, HgHS2-, and HgS22-. Studies that have modelled the speciation of HgII in porewater 
and in pure bacterial cultures, have found a positive relation between the concentration of neutral mercury-
sulfide complexes and the production of MeHg in sediment and in the bacterial cultures.9,30,32,33 It has thus 
been suggested that it is the neutral complexes that are taken up by mercury methylating bacteria via passive 
transport across the cell wall of the bacteria.9  
Under conditions where the precipitation of HgS(s) is favorable, HgII is sequestered from the 
dissolved phase as a metal sulfide solid of extremely low solubility. Recent studies suggest that in the 
presence of organic matter, HgII precipitates as metacinnabar nanoparticles (β-HgS(s)nano), which have been 
shown in pure cultures to be more bioavailable than the bulk precipitates.34 β-HgS(s)nano have been detected 
in natural waters and their formation confirmed in laboratory studies. Deonarine et al., found that the 
precipitation of HgS(s) in solutions containing HgII, SII- and thiol ligands or Suwanee River Humic Acid (a 
model terrestrial DOM isolate) resulted in smaller sized particles and diminished particle growth rates 
relative to hydroxyl containing ligands or to controls where no organic matter was added.35 Reduced growth 
and aggregation rates of ZnS(s)nano and CdS(s)nano have also been observed when precipitation occurs in 
presence of thiol containing ligands or DOM solutions.36,37,35,38,39 DOM was found to further prevent 
aggregation of particles by inducing electro steric repulsive forces. The rate of particle growth in presence 
6 
  
of different freshwater DOM components differed, with variations between them best explained by 
macromolecular effects such as molecular weight and aromaticity.35,38-40 
The bioavailability of β-HgS(s)nano to methylating bacteria has been studied in pure cultures and in 
sediment slurries. In both cases, the rate of methylation was enhanced in experiments containing β-
HgS(s)nano relative to experiments containing commercially available β-HgS(s) microparticles.34,41 
Additionally, when different DOM isolates were added with HgII to pure bacterial cultures of sulfate 
reducing bacteria, the production of MeHg correlated with the sulfur content and Specific Ultra Violet 
Absorbance (SUVA) at λ= 254 nm of the DOM isolates (where SUVA is correlated to DOM size and 
aromaticity).41 It was suggested that β-HgS(s)nano of different sizes and bioavailability precipitated in the 
pure cultures and contributed to the different rates of MeHg production observed in the experiment.41 Since 
methylating bacteria are not known to take up nanoparticles directly, the increased bioavailability of the 
nanoparticles is suggested to be due to lattice and surface imperfections which are more pronounced for 
smaller particles.34  
Previous studies on β-HgS(s)nano have focused on low molecular weight thiols and freshwater and 
soil-derived DOM, and there has been little study of the ability of marine-derived DOM in influencing 
HgS(s) precipitation.42-45 Dissolved organic matter (DOM) is a complex mixture of organic compounds 
originating from the exudation and degradation of organisms. Only 20% of DOM has been characterized, 
and is known to include identifiable compounds such as carboxylic acids, amino acids, and hydrocarbons.26 
The remaining 80% is composed of humic substances of complex structures and various functional groups, 
with carboxylic and phenols groups as the most abundant and sulfur containing groups found in lower 
concentrations.26 It has been shown that DOM from the marine environment is different from DOM in the 
terrestrial environment and this is bound to affect the precipitation of β-HgS(s)nano and impact the 
bioavailability of mercury to methylating bacteria.44,46 
Mercury is also known to interact with nanoparticles of other metal sulfide solids present in the 
environment. For example, nanoparticles of mackinawite (FeSm(s)) have been shown to immobilize HgII. 
The sorption of HgII on FeSm(s) was found to involve the dissolution of FeSm(s) and precipitation of β-
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HgS(s) at high HgII:FeSm(s) ratios, while mixed precipitates of HgII were formed on the surface of FeSm(s) 
at low HgII:FeSm(s) ratios.47,48 Studies have also shown that cubic ZnS(s)nano can be completely transformed 
to β-HgS(s)nano by the addition of HgII to ZnS(s)nano solutions.49 It is also possible to synthesize mercury 
doped or mixed mercury cadmium chalcogenide quantum dots for industrial applications.50-52 The co-
precipitation of HgII with engineered metal sulfide nanoparticles ending up in aquatic systems is thus 
possible and will change the speciation of HgII and impact its biogeochemistry.  
 
1.1.3. The Interactions of HgII with Reduced Organic Sulfur 
In the presence of organic matter, mercury forms HgII-thiol complexes with reduced sulfur groups 
on DOM in the dissolved phase and on particulate organic matter (POM) in the solid phase. Pure bacterial 
culture studies, using sulfate reducing and iron reducing bacteria, have shown that HgII is more bioavailable 
for methylation when complexed to some low molecular weight thiols and not others; and that the 
configuration of the thiol also affected the rate of methylation.10,53 These studies suggest a specific 
mechanism is involved in the uptake of the HgII-thiol complexes. Schaefer et al., using a series of 
experiments demonstrated that the uptake of HgII-thiol complexes by methylating bacteria is likely 
accidental via a mechanism for the uptake of essential divalent metal ions (e.g. ZnII) by the bacteria.10,54 As 
HgII-thiol complexes are stronger than ZnII-thiol complexes, HgII easily competes with ZnII for the thiols. 
Reduced sulfur groups on DOM bind HgII with a similar affinity as that of the low molecular weight thiols.29 
The effect of HgII complexation to DOM on methylmercury production in the sediment has however, not 
been investigated. 
It has also been suggested that the availability of HgII to methylating bacteria is reduced when HgII 
binds to reduced sulfur groups on particulate organic matter. Indeed, Jonsson et al., showed using isotope 
enriched mercury tracers that HgII added to sediment slurries as HgII bound to terrestrial POM was less 
available for methylation than when HgII was added as a HgCl2 complex.31 In the marine system, organic 
matter can be of two sources: allochthonous organic matter is from outside sources while autochthonous is 
produced from within the system by primary producers (e.g. phytoplankton) or from the degradation of 
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organic matter by bacteria in the sediment.55 Allochthonous organic matter typically has a higher molecular 
weight and aromaticity than autochthonous organic matter.55 In systems with high organic matter content, 
the % of allochthonous organic matter is higher than that of autochthonous. It has been suggested that the 
autochthonous organic matter (characterized by more proteins and less humic substances), binds HgII less 
strongly than allochthonous organic matter and contributes to the higher methylation rates recorded for low 
organic matter sites.30,56-59 While this is true, it has also been shown that bacterial activity is enhanced more 
in presence of autochthonous organic matter than in presence of allochthonous organic matter.60 The former 
organic matter is rich in labile and more easily degraded material thus it stimulates bacterial activity. 
Whether the binding affinity of HgII to the two types of organic matter or the effect of the organic matter 
on bacterial activity is the controlling factor for methylation in the marine environment is yet to be 
determined.  
 
1.1.4. The Interactions of MeHg with Reduced Sulfur 
The net production of MeHg is a net sum of methylation and demethylation processes. The 
demethylation process is less studied than the methylation; however, it is known to occur in many 
environments and via both biotic and abiotic mechanisms. Two major pathways for biotic demethylation 
are oxidative and reductive demethylation. In oxidative demethylation, MeHg is degraded to HgII while in 
reductive demethylation, it is degraded to Hg0. The involvement of reduced sulfur species in biotic 
demethylation is less known but it has been suggested that neutral complexes of MeHg and inorganic sulfur 
are taken via passive diffusion by demethylating bacteria.61,62 In a study where seven different freshwater 
and estuarine sediments in Sweden were included, the dominant complexes of MeHg modelled in the 
porewater were determined to be MeHgSH, MeHgS-, and MeHg-thiol.61 The demethylation rates in the 
sites with low mercury concentrations correlated positively with the MeHg complexes of inorganic 
sulfide.61 In another study done in pure bacterial cultures of iron reducing bacteria, low concentrations of 
cysteine were found to inhibit the demethylation process while higher concentrations did not.63 The 
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complexation of MeHg with reduced sulfur species thus affects the biotic demethylation process, though 
the effect is not well understood.  
The abiotic demethylation of MeHg though even less studied than biotic demethylation, is known 
to occur via the reaction of MeHg with reduced sulfur species.64-66 In the 1970’s, scientists discovered that 
H2S can demethylate MeHg by forming dimethylmercury (DMeHg) and β-HgS(s) via the intermediate 
bismethylmercury sulfide ((CH3Hg)2S).64 More recently studies have found that cysteine and selenocysteine 
can demethylate MeHg in marine mammals to form HgS/HgSe(s) and DMeHg, and it has been suggested 
that the intermediate steps here are similar to the demethylation of MeHg by H2S shown in earlier years.66,67 
The intermediate product of the reaction between MeHg and H2S or cysteine (i.e. (CH3Hg)2S), is suggested 
to be unstable and thus spontaneously degrades to DMeHg and β-HgS(s). As the overall reaction involves 
the degradation of two MeHg groups to form one DMeHg and one HgII, the process both demethylates and 
methylates MeHg. Thus, the term demethylation of MeHg to describe the degradation pathway of MeHg 
by reduced sulfur species can be misleading  
Just like HgII, MeHg also adsorbs on FeSm(s), though the complexation of MeHg with surface sites 
of FeSm(s) is less strong (log K = 6) than the complexation of HgII with the FeSm(s) surface sites (log K = 
29.6).68 FeSm(s) in the sediment is produced from the reaction of H2S and FeII, with about 10-25% of the 
H2S produced by SRB during the degradation of organic matter (Eqn. 1), precipitating as iron sulfide 
solids.69-71 As mentioned earlier, the adsorption of HgII on FeSm(s) has been shown to lead to the 
precipitation of β-HgS(s).48 No studies have yet determined if MeHg adsorbed on FeSm(s) will also 
transform to another mercury compound. 
   
1.2. Aims, Goals and Experimental Approach 
 In light of the above discussion on the interactions of HgII and MeHg with reduced sulfur species, 
the aim of this work was to fill the knowledge gaps that exist for the reactions of HgII and MeHg with 
reduced sulfur species; and discuss how these reactions impact the conversion of one mercury form to 
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another. The specific aims of the subsequent chapters in this thesis and associated goals and experimental 
approach used to fulfill each aim are discussed below. 
 
Specific Aims: 
 
1. To study the formation of β-HgS(s)nano in solutions containing DOM extracted from the marine 
environment and from the overall dynamics of the interaction of HgII with metal sulfide 
nanoparticles. 
 
2. To study the methylation rates, in multiple estuaries, for HgII complexed to different reduced 
sulfur species that are commonly found in the sediment. 
 
3. To study if MeHg adsorbed onto FeSm(s), other metal sulfide minerals, as we all as on low 
molecular weight thiols, can degrade to form DMeHg, similar to the known reaction of MeHg 
with H2S. 
 
1.2.1. Goals for Specific Aim One: 
a) Compare β-HgS(s)nano formed in solutions containing marine dissolved organic matter and in mono 
and dithiols. 
b) Determine the stability of the formed β-HgS(s)nano over time and under light and 
oxygenated/deoxygenated conditions. 
c) Elucidate the interaction of HgII with CdS(s)nano to understand the potential for HgII to be 
incorporated into nanoparticles in the environment 
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Experimental approach for Specific Aim One: 
Marine DOM was extracted using solid phase extraction techniques from 20–50 L of surface waters 
collected from the eastern and western side of Long Island Sound (ELIS and WLIS, respectively) and at 
the shelf break of the North Atlantic Ocean (SB). Following the procedure described by Dittmar et al., 
seawater was filtered through a 0.45 µm Meissner cartridge filter and a 0.2 µm glass fiber filter (both pre-
rinsed with 0.01 M HCl, > 1 L of ultrapure UV treated water and 1 L of sample water), before loading onto 
a modified benzene styrene polymer cartridge (pre-rinsed with 6 ml of methanol and 1 L of ultrapure UV 
treated water) at a rate of < 4ml/min.72 The cartridge was then rinsed with 40 ml of 0.01 M HCl and dried 
with Argon gas before the DOM was eluted with methanol followed by acetone.  
β-HgS(s)nano were formed in the lab from the reaction of 150 µM HgII with 150 µM HS- in presence 
of 10 mg C/L marine DOM or 300 µM monothiols (cysteine, mercaptophenyl acetic acid) or 150 µM 
dithiols (1,2-ethanedithion and 1,3-propanedithiol). Particle size of the formed β-HgS(s)nano was determined 
by Dynamic Light Scattering (DLS) and UV-Vis measurements. Transmission Electron Microscopy (TEM) 
was also performed to confirm the diameter and presence of particles in solution. We also compared the 
formation of β-HgS(s)nano using different ratios of HgII:DOM from where the concentration of reduced 
sulfur on DOM is lower than the concentration HgII (1.5 nmol HgII/mg C), to 150 µmol HgII/mg C, where 
particles settled 1 hour after the reaction. To determine the stability of the particles in anoxic conditions, 
the formed β-HgS(s)nano were monitored for over one month. The stability of β-HgS(s)nano under different 
environmental conditions was determined by purging the β-HgS(s)nano solutions with air and nitrogen as 
well as exposing them to light or dark conditions.  
To study the interaction between HgII and CdS(s)nano, CdS(s)nano were formed from the reaction of 
150 µM CdII with 75 µM HS- in presence of 600 µM cysteine. The optical properties of CdS(s)nano were 
analyzed by UV-Vis and steady state fluorescence measurements. Dissolved mercury was then added to 
the CdS(s)nano solution and the mixture analyzed using UV-Vis, steady state and time resolved fluorescence 
measurements. CdS(s)nano was chosen to represent other metal sulfide nanoparticles/quantum dots that can 
be found in the marine environment. CdS(s)nano were chosen as a model for metal sulfide nanoparticles 
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species as they are easy to synthesize in the laboratory, are stable to oxidation and can be characterized 
from their well-studied optical properties. Additionally, unlike iron and copper, cadmium is not complicated 
by multiple redox states allowing for the examination of the interactions without potential redox reactions 
occurring.37  
 
1.2.2. Goals for Specific Aim Two: 
a) Synthesize isotopically enriched HgII tracers of HgII complexes commonly found in coastal marine 
sediments. 
b) Compare the methylation rates of prepared solid, adsorbed and dissolved HgII tracers in sediment 
slurries, and the potential role of DOM and nanoparticles in influencing methylation. 
c) Determine the controlling factor driving differences in the methylation rates between high and low 
organic carbon sites. 
 
Experimental approach for Specific Aim Two: 
Isotopically enriched HgII tracers were prepared in house from 200HgCl2 and 199HgCl2 dissolved in 
0.1 M HCl followed by a dilution in ultra-pure water. The tracers included ELIS DOM capped β-HgS(s)nano, 
β-HgS(s)micro, HgII complexed to dissolved and particulate organic matter of marine origin (HgII-POM and 
HgII-DOM respectively), HgII adsorbed on freeze-dried sediments of high and low organic carbon content 
(HgII-HOCsediment and HgII-LOCsediment respectively), and HgII added as chloride complexes (HgCl2, HgCl3- 
and HgCl42-) here referred to as HgII(aq). HgII-POM, HgII-DOM, HgII-HOCsediment and HgII-LOCsediment were 
prepared by equilibrating HgII with POM, DOM, HOCsediment and LOCsediment respectively, for 24 h to allow 
for strong thiol bonds to form between HgII and the complexing agent. Both POM and DOM were collected 
from surface waters of Eastern Long Island Sound. DOM was extracted using a solid phase extraction 
method (PPL cartridges) as described above. POM was collected by filtering surface waters of ELIS using 
a 1.0 µm plankton net, after which the collected particles were rinsed, freeze-dried and re-suspended in 
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ultra-pure water. HOCsediment and LOCsediment were obtained from freeze-dried sediment cores collected 
during the summer of 2013 from Barn Island high and low organic carbon sites in Connecticut, USA. β-
HgS(s)nano and β-HgS(s)micro were synthesized from equimolar concentrations of HgII and HS- with and 
without the presence of ELIS DOM respectively. The particles were aged for 3 days before being added to 
sediment slurries. Control experiments were performed to determine if added DOM or POM increased HgII 
methylation by e.g. altering the activity of HgII methylating bacteria. In the control experiments, HgII and 
DOM/POM were added to sediment without prior equilibration  
Fresh sediment slurries were collected in the summer of 2015 from four locations in Connecticut, 
USA. Acid cleaned polycarbonate core samplers (diameter of 4.8 cm) were used to manually extract 3 cores 
from each location. Sediment was collected from the top 4 cm of each core, pooled and homogenized in the 
lab under low oxygen conditions using a N2 flushed glove bag. Sediment slurries were added to tubes 
containing the HgII tracers (n=3 per set) that had been frozen at -80ᵒC. The HgII spiked sediments were 
incubated for 0 and 12 h in a water bath at ambient temperature (±2°C), and incubations terminated by 
freezing the sample tubes in dry ice. Frozen HgII incubation samples (methylation assays) were freeze-dried 
and MeHg double extracted into purified water using CuSO4/KBr/H2SO4 followed by CH2Cl2 before being 
analyzed using Inductively Coupled Mass Plasma Spectroscopy (ICP-MS).  An internal standard of 
Me201Hg(aq) was equilibrated with 0.5–2 g of freeze-dried sediment before MeHg was extracted from the 
samples. As the HgII tracers, the internal standard and ambient mercury are not 100% pure in one Hg 
isotope, the concentration of MeHg from the HgII tracers, from the internal standard added and from ambient 
mercury was determined mathematically using a signal deconvolution matrix. In our calculations, we used 
the ICP-MS signals for each isotope of Hg in the sample together with the relative isotopic abundance of 
Hg in the tracers, in the internal standard and in ambient mercury. The methylation rate was the determined 
using the following equation: 
 
km (d-1) = Δ[MeHg] · ([HgII]t0 · t(d))-1 
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where km is the methylation rate, Δ[MeHg] is the difference in the concentration of MeHg in samples 
incubated for 12 h and those incubated for 0 h, HgIIt0 is the concentration of HgII in the tracers and t is the 
time of incubation. 
 We also determined the natural concentrations of total Hg (HgT) and organic matter (measured as 
% carbon loss on ignition at 550 °C) in the bulk un-spiked sediments; and analyzed the concentration of 
HgT, MeHg, dissolved sulfide and organic carbon (DOC) in pore water samples. Fluorescence 
measurements were also performed on pore water samples extracted from the sites.  
 
1.2.3. Goals for Specific Aim Three: 
a) Determine if DMeHg is formed from the reaction between MeHg and metal sulfide solids (FeSm 
(s), CdS(s) and β-HgS(s)). 
b) Determine the mechanism for the formation of DMeHg from the reaction of MeHg and FeSm (s). 
c) Compare the formation of DMeHg from the reaction of MeHg and FeSm (s) to that of the reaction 
between MeHg and dissolved reduced sulfur (thiols and S-II). 
 
Experimental approach for Specific Aim Three: 
FeSm(s) was prepared in the laboratory alongside CdS(s) and HgS(s). The synthesis involved the 
addition of 0.6 M sodium sulfide to 0.6 M (NH4)2Fe(II)(SO4)2∙6H2O, Cd(NO3)2·4H2O, and HgCl2, 
respectively in a N2 filled glove bag. The particles were purified by washing in ultra-pure water then stored 
in smaller vials at -80ᵒC until use. Particle characterization was done by X-ray Diffraction Crystallography 
(XRD) and Brunauer–Emmett–Teller (BET) on freeze-dried metal sulfide vials. In the intital experiments, 
MeHg was added to FeSm(s) slurries, to the filterate of the FeSm(s) slurry, or to MQ water to confirm that 
the DMeHg produced was from the adsorption of MeHg on FeSm(s) and not due to any reaction happening 
in solution. 
To elucidate the mechanism of the reaction, a series of experiments were performed to determined 
the rate of DMeHg formation at different MeHg:FeSm(s) ratios. The ratios were obtained by first holding 
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the amount of FeSm(s) constant and varying the concentration of MeHg; and then later holding the MeHg 
concentration constant and varing the amount of FeSm(s) added. Adsorption studies were also performed at 
the different ratios of MeHg:FeSm(s) and the concentration of MeHg immobilized on the binding sites of 
the FeSm(s) mineral determined. Experiments were also conducted with the other metal sulfide solids 
prepared here (CdS(s) and HgS(s)), with FeSm(s) aged for 1 h, 1 d and 7d; and at different pH and ionic 
strength. For the reaction between MeHg and metal sulfide solids, the amount of metal sulfide added to the 
reaction vial was equalized to obtain the same ratio of MeHg:sulfide surface area for all the three solids.   
The reaction between MeHg and FeSm(s) was compared to the reaction of MeHg with dissolved 
inorganic sulfide (added as an aqueous solution of Na2S) and with thiols (cysteine, mercaptopropionic acid, 
1,2-ethanedithiol, and 1,3-propanedithiol). Similar to the procedure describe above, MeHg was added to 
solutions containing one of the reduced sulfur forms and the amount of DMeHg produced was determined. 
In all experiments, the MeHg:S ratio was equal to or greater than the ratio of MeHg:FeSm(s). We also 
determined the activation energy for the reaction between MeHg and FeSm(s), and for the reaction between 
MeHg and dissolved inorganic sulfide. In these experiments, vials were incubated for 0, 40, and 60°C, and 
DMeHg produced from each reaction determined. 
 
1.3. Summary 
The experiments and approaches outlined above were designed to provide further insight into the 
mechanisms controlling the formation of MeHg in marine sediment. We have studied the role that reduced 
sulfur has in controlling the form and bioavailability of HgII to methylating bacteria, and therefore the 
potential for its methylation to the more toxic and bioaccumulative MeHg. As the net concentration of 
MeHg in any environment is determined by both its rate of formation and degradation, the studies also 
provided new insights into the potential for MeHg to be degraded by metal sulfide soilds and low molecular 
weight thiols. In addition, these studies highlighted a potential pathway for the formation of DMeHg in 
marine waters. Of all the forms of Hg found in the environment, the pathways for the formation of DMeHg 
are least understood. While other pathways for its formation may exist, the results presented in this thesis 
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provide one avenue for its formation. Overall, the results outlined here contribute to a better understanding 
of the cycling of Hg and methylated Hg in the marine environment.   
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2. The Formation of β-HgS Nanoparticles in Presence of Marine DOM and the Interaction of HgII 
with Metal Sulfide Nanoparticles. 
  
2.1. Introduction 
The production of Methylmercury (MeHg) from inorganic mercury (HgII) has spurred concern over 
anthropogenic mercury emissions worldwide and prompted research into the processes of MeHg formation. 
HgII is converted to MeHg (the more toxic and bio-accumulative form commonly found in the environment) 
during the mineralization of organic matter by bacteria carrying the methylating gene.1-3 A major hotspot 
for MeHg production is the coastal sediment, owing to the active degradation of organic matter by Sulfate 
Reducing Bacteria — one of the main methylators of HgII.1,4-11 The MeHg produced accumulates up the 
food chain causing neurodegenerative diseases in both humans and wildlife.12,13 Substantial progress in 
understanding the biogeochemistry of HgII in coastal areas has been made thus far; however, it is still 
difficult to predict the production of MeHg across ecosystems. This is partly because HgII speciation (a 
factor that influences MeHg production) is not well understood contributing to much controversy.14-18 The 
speciation of HgII refers to the forms of HgII found in the environment. Mercury forms complexes with 
different ligands in solution including chlorides, hydroxides, thiols, and inorganic sulfides. As HgII is a soft 
acid, its complexes with reduced sulfur groups are the most thermodynamically stable. The bioavailability 
of the different complexes to methylating bacteria differs. It has been suggested that bacteria take up neutral 
complexes of HgII by passive diffusion and Hg-thiol complexes by active uptake.14,19,20 
One of the neutral complexes suggested to form in the environment is a hydrated HgS(aq) complex. 
Though computational calculations support the formation of the aqueous complex and propose the structure 
to be HOHgSH, experimental data and thermodynamics don’t concur fully with the quantum calculations 
and there is no evidence of its existence.21,22 It has been suggested that the aqueous complex in question is 
actually a HgS nanoparticle (diameter between 1-100 nm), which passes through conventional filters of 
0.45 µm and is erroneously considered as a dissolved mercury complex.23 Contrary to the lack of evidence 
for the existence of HgS(aq), recent research confirms the formation of HgS nanoparticles (NPs) in natural 
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settings.24-26 While the importance of the NPs to HgII speciation is gaining ground, little data exists on the 
formation and persistence of these particles under different conditions. The objective of this work was to 
gain knowledge on the formation and behavior of HgS nanoparticles (β-HgS(s)nano) forming in the 
environment. Results from our study will provide a better understanding of HgII speciation, ultimately 
improving estimates on MeHg production rates in coastal environments. 
Nanoparticles in the environment have been detected in wastewater effluents, hydrothermal vents, 
pore waters, and mine tailings.27-31 Since up to 50% of the atoms reside on the surface, these nanometer 
sized particles have high surface energy which the particle tends to compensate for by rearranging surface 
and near surface atoms.32 As such, NPs (especially those < 30 nm) have size-dependent properties affecting 
their reactivity, mobility, solubility and bioavailability, and which differ substantially from their bulk 
counterparts.32-35 Due to their high surface energy, NPs are unstable and tend to aggregate, coalesce when 
possible and settle out of solution.36,37 The interaction of two particles — described by the Derjaguin-
Landau-Verwey-Overbeek (DLVO) theory — depends on the sum of two opposite forces; the attractive 
van der Waals forces and the repulsive forces that exist between like charged particles. When particles are 
in close proximity, attractive van da Waals forces dominate and the particles are likely to aggregate unless 
conditions exist that hinder the aggregation process.36,38 
Organic molecules have been shown to hinder the aggregation of particles by forming coordinate 
covalent bonds between functional groups on the organic molecule and metal ions on the surface of the 
particle.39,40 Fourier Transform Infra-red spectroscopy (FTIR) of β-HgS(s)nano stabilized by bovine serum 
albumin (BSA) suggests that the surface of β-HgS(s)nano is bound to amide and carboxyl groups of the 
BSA.41 As Hg has a higher affinity for S (a soft base) than O or N, binding to reduced sulfur groups is also 
expected. Indeed, low molecular weight thiol ligands have been shown to inhibit the growth of β-HgS(s)nano 
relative to their hydroxyl containing analogues.42 Nonspecific hydrophobic interactions between humic 
fractions of natural dissolved organic matter (DOM) and β-HgS(s)nano have also been noted to slow down 
the growth of particles.38 The adsorption of negatively charged organic matter present in the environment 
to the β-HgS(s)nano surface enhances electrostatic repulsive forces and induces electrosteric forces especially 
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when humic substances are involved.25,38,42-46 Both these forces have been reported to stabilize β-HgS(s)nano 
forming in presence of organic matter. Nanoparticles forming in DOM isolated from a terrestrial 
environment (Suwanee River Humic Acid (SRHA)), were observed with Transmission Electron 
Microscopy (TEM) to have a diameter of less than 10 nm.24,44 Such particles are considered metacinnabar-
like as they have an average bond length and coordination number similar to β-HgS(s), but are less 
crystalline and possess a higher degree of disorder.24-26 Mercury containing NPs can also form when HgII 
replaces or co-precipitates with other metal ions.47-49 
Most studies on β-HgS(s)nano have focused on fresh water and soil-derived DOM; yet the binding 
affinity of HgII to DOM changes with DOM character and this is likely to impact particle formation. Also, 
the binding strength of HgII to DOM changes with HgII:DOM ratio.50 At ratios lower than 1 µg HgII /mg C 
(common in the environment) HgII binds strongly to reduced sulfur groups, while at higher ratios, weaker 
binding to the more prevalent hydroxyl and amide functional groups occurs.50 Few studies have investigated 
β-HgS(s)nano formation at environmental ratios of HgII:DOM. Thirdly, even fewer studies have looked at 
persistence of the β-HgS(s)nano  under different environmental conditions or at the interaction of HgII with 
other metal sulfide solids. Here we investigated the formation and stability of β-HgS(s)nano forming in the 
presence of various thiols and organic matter extracted from three marine environments: Eastern Long 
Island Sound (ELIS), Western Long Island Sound (WLIS), and offshore at the shelf break of the North 
Atlantic Ocean (SB). We expanded on previous work by looking at the fate of the particles when exposed 
to oxygen and sunlight. Using CdS(s)nano as a model metal sulfide species, we also investigated the 
interaction of HgII with other metal sulfide nanoparticles forming in aquatic systems or with engineered 
quantum dots ending up in natural waters. We hypothesized that (1) Coastal DOM is better at inhibiting the 
growth of β-HgS(s) nanoparticles than DOM from the open ocean; (2) The size of β-HgS(s) nanoparticles 
increases with decreasing relative DOM concentration; (3) The stability of β-HgS(s) nanoparticles is 
reduced in light and oxic environments; and (4) HgII forms a stable complex with CdS(s)nano similar to 
complexes of HgII with reduced sulfur. 
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2.2. Methodology 
2.2.1. Extracting Dissolved Organic Matter from Seawater 
Dissolved organic matter was isolated from surface waters collected at Eastern Long Island Sound 
(ELIS), Western Long Island Sound (WLIS), and at the shelf break of the North Atlantic Ocean (SB) as 
shown in the map (Fig. 1). Surface water from each of the locations was collected using Teflon-coated acid 
cleaned Go-Flo bottles deployed down to the chlorophyll maximum zone. The water was filtered on board 
immediately after collection using a 0.45 and a 0.2 µm cartridge filters and then stored in ultra-clean 
cubitainers and brought back to the lab. The filtered seawater (20–50 L) was acidified to pH 2 just before 
the extraction and then passed through a modified benzene styrene polymer cartridge at a rate of < 4 mL/min 
using a peristaltic pump. Following the recommendation by Dittmer et al., no more than 5 L were loaded 
on one cartridge at a time.51 All cartridges were pre-rinsed with 6 mL of methanol and 1 L of ultrapure UV 
treated water just before use. Extracted DOM was desalted by rinsing the cartridge with 40 mL of 0.01 M 
HCl before drying the cartridge with argon/nitrogen gas. DOM was eluted from the dry cartridge using 
methanol and acetone and then stored in the freezer. An aliquot of the DOM solution was dried using a 
Nitrogen evaporator (N-EVAP 111) at 40ᵒC, re-dissolved in purified water and analyzed for the dissolved 
organic carbon (DOC) concentration using a Shimadzu TOC analyzer (TOC-VCPN). The absorbance and 
fluorescence measurements of the extracted DOM were also performed as described further below.         
 
 
 
 
 
 
 
 
                                                                                                                                                  
27 
  
 
 
 
 
 
 
 
Fig. 1. Map showing the location where dissolved organic matter used in the synthesis of β-HgS(s)nano was 
extracted from surface waters using a modified styrene divinyl polymer cartridge. 
 
2.2.2. Preparation of Experimental Solutions 
All solutions were prepared using UV oxidized deionized water (18.4 MΩ), degassed by boiling 
and purging with nitrogen for at least 20 min. Preparation and synthesis was done in a glove box. The 
mercury stock solution was prepared by dissolving 0.26 g of mercury nitrate monohydrate in 25 mL of 0.1 
M HCl. The sulfide stock solution was prepared by dissolving 10 g sodium sulfide nanohydrate (Acros) in 
5 mL of degassed water. The crystals of the sulfide salt were washed to remove oxidation products and 
dried under nitrogen before weighing. The concentration of the sulfide standard was determined by titrating 
an aliquot of the sulfide preserved in Sulfide Anti-Oxidant Buffer (SAOB) with Pb(NO3)2 using an ion 
selective electrode. The SAOB solution contained 2 M NaOH for converting H2S to S2- thereby preventing 
the evasion of H2S (g) from the solution; 0.1 M ascorbic acid for minimizing the oxidation of S2-; and EDTA 
for binding metal ions that catalyze the oxidation of S2-.52 Thiol capping agents consisting of 1,2-
ethanedithiol, 1,3-propanedithiol, 4- mercaptophenyl acetic acid, glutathione, and L-cysteine were obtained 
from Alfa Aeser. Stock solutions of the dithiols and 4- mercaptophenyl acetic acid were prepared by 
dissolving 5 uL and 0.02 g, respectively, in 5 mL methanol. Glutathione and L- cysteine solutions were 
prepared by dissolving 0.01 and 0.02 g respectively, in 10 mL of 2.2 mM NaHCO3 (with pH 7.8 and 
ELIS 
WLIS 
SB 
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prepared daily). The thiol stock solutions were stored in the glove box and used within 24 h. An aliquot of 
the DOM solution in methanol was dried under nitrogen, on day of use, then re-dissolved in 2.2 mM 
NaHCO3, pH 7.8 and filtered through a 0.2 µm syringe filter. Aliquots of all prepared solutions were diluted 
using the reaction matrix (2.2 mM NaHCO3, pH 7.8) before amending into their respective reaction vials.  
 
2.2.3. Synthesis of β-HgS(s)nano using Different Capping Agents 
β-HgS(s)nano was synthesized by adding an aliquot of the appropriate capping agent to the solution 
matrix followed by HgII addition. The solution of HgII and capping agent was mixed end to end, and then 
HS- was added and the solution mixed again. As the pH of the experimental solution was 7.8 and the pKa1of 
H2S is 7, dissolved sulfide existed predominantly as HS-; thus, we use HS- to refer to the dissolved sulfide 
in our experimental solutions. The binding of HgII to DOM has been shown to increase with equilibration 
time of HgII with DOM. Initially, HgII is bound to the more abundant oxygen and nitrogen containing 
functional groups on DOM.53 With equilibration time of between 10–24 h, the more abundant and weaker 
O and N functional groups are replaced by stronger thiol binding sites.54-57 To test if the equilibration time 
of HgII with DOM, prior to sulfide addition, affects particle size; a subset of the experimental vials were 
equilibrated with DOM for 24 h before HS- was added. Particle size with and without HgII-DOM 
equilibration was similar. Subsequently, HS- was added to all vials no more than 5 min after HgII addition 
to DOM. For the thiols dissolved in methanol, control solutions were conducted by adding an equivalent 
amount of methanol to cysteine and glutathione vials prior to HgII and HS- addition. Unless otherwise stated, 
the final concentration of the capping agents was 300 µM for the monothiols, 150 µM for the dithiols, and 
833 µM C for DOM. The concentrations of HgII and HS- were 150 µM each.  
 
2.2.4 Stability of β-HgS(s)nano under Different Conditions 
To determine the stability of the particles under oxic and anoxic conditions, β-HgS(s)nano were 
prepared as described above using ELIS DOM as the capping agent. The solution was divided in to four 
batches. Each reaction vial contained 3 mL of solution and this was purged with air (oxic) or nitrogen 
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(anoxic) for 5 min at a rate of about 40 mL/min. Vials purged with N2 were immediately capped and sealed 
with parafilm, while the vials under dark conditions were wrapped in foil. All vials were stored in the lab 
next to the window with direct exposure to sunlight. DLS measurements were performed on the β-HgS(s)nano 
at day 1 before any purging and on day 3 after purging and exposure to light. After 4 weeks, 3 mL of 1 M 
CaCl2 was added to deoxygenated vials in the dark and oxygenated vials in light to initiate the precipitation 
of β-HgS(s)nano still stable in solution. The mixture was centrifuged at 5000 rpm for 10 min and the 
supernatant collected and filtered through a 0.2 µm syringe filter. The aromatic content of the filtered 
solutions was determined by calculating the Specific Ultra Violet Absorption (SUVA) at 254 nm. This was 
done by measuring the dissolved organic carbon (DOC) concentration and the absorption coefficient, as 
described further below. 
 
2.2.5. The Interaction of HgII with CdS(s)nano 
Cysteine capped CdS particles were synthesized following the same general procedure as the one 
used to prepare β-HgS(s)nano. The cadmium stock solution was prepared by dissolving 0.46 g of cadmium 
nitrate tetrahydrate (Fischer) in 50 mL of 0.1 M HCl. An aliquot of the solution was diluted in 2.2 mM 
NaHCO3, pH 7.8 before use. The cysteine and Na2S.9H2O solutions were prepared as described above. 
CdS(s)nano formed when an aliquot of cysteine was added to the reaction vial containing the matrix followed 
by the addition CdII and then HS-. The concentration of CdII, HS-, and cysteine in the final solution was 150 
µM, 75 µM, and 600 µM, respectively. Particles were aged for 3 days in the glove box, after which the 
solution was divided in to five different vials and an aliquot of HgII was spiked into each vial to give a final 
concentration of 0–0.3 µM HgII. The HgII spiking solution was prepared in NaHCO3, pH 7.8. The UV and 
FL measurements of the CdS(s)nano-Hg solutions were performed 1 h after HgII addition. 
 
2.2.6. Determination of Particle Size 
Dynamic Light Scattering (DLS) were performed on a Malvern Zetasizer ZS90. DLS measures 
particle size in a sample by monitoring changes in the intensity of scattered light after the sample has been 
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irradiated with a laser light, in our case, of λ = 663 nm. The intensity changes of the scattered light are 
caused by the Brownian motion of particles; thus, the intensity changes are related to the diffusivity of the 
particles. Particle size is determined using the Stokes-Einstein’s equation as shown below: 
 
                      Dh = (kB T) / 3π ƞDt                      ( 1) 
 
Where Dh is the hydrodynamic diameter of the particles; kB is Boltzmann’s constant; T is 
temperature; ƞ is the viscosity of the solution and Dt is the diffusion coefficient which is determined from 
the scattered light intensity changes when fit to an autocorrelation function.  
The solutions containing β-HgS(s)nano were transferred to a 1 cm quartz cuvette or a clear disposal 
zeta cell, and measurements taken at 25ᵒC. The intensity-weighted hydrodynamic diameter was calculated 
from 20 individual measurements of 10 seconds each. The scattering intensities of the blank solutions 
consisting of HgII + matrix, HS- + matrix, DOM + matrix or HgII + DOM + matrix, were less than 1.5 
kilocounts per sec (kcps). Scattering intensities of experimental solutions containing HgII, DOM and HS- 
were above 5 kcps with most solutions above 10 kcps. 
 
2.2.7. Absorbance and Fluorescence Measurements 
Absorbance measurements were conducted using a UV-Vis spectrophotometer (Hitachi U3010). 
Samples were analyzed in a 1 cm quartz cuvette using the matrix solution as the reference. Fluorescence 
measurements were performed using a Hitachi F2000 fluorometer with a 1 cm quartz cuvette. The emission 
spectra for the CdS(s)nano solutions were recorded at λex of 350 nm. Excitation Emission Matrices (EEMs) 
of DOM samples used in the β-HgS(s)nano synthesis was also recorded. DOM samples were diluted to an 
absorption of < 0.05 cm-1 at 220 nm, using the matrix, prior to fluorescence measurements.58 FL scans of 
the DOM were recorded using an excitation wavelength of 220 to 450 nm; every 5 nm. We corrected the 
FL spectra of the samples by first subtracting the matrix EEM from the sample EEMs and then normalizing 
the intensity of the sample EEMs to the Raman peak of MQ water recorded at an excitation wavelength of 
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350 nm and emission wavelength of 371–428, as recommended by Lawaetz and Stedmon.59 The Raman 
and Rayleigh scattering peaks were removed from the sample EEMs by excising emission data before λex 
+ 40 nm and above twice the excitation wavelength. 
For fluorescence lifetime measurements, the samples were excited with a pulsed diode laser 
(Picoquant) at 405 nm. The emission was collected by a single-photon detector (τ-SPAD, PicoQuant) 
equipped with a 435 long pass optical filter. Time-dependent single photon counting measurements were 
performed using PicoHarp 300 (PicoQuant) with a time resolution of 32 ps. 
 
2.3. Results  
 
2.3.1. Formation of β-HgS(s)nano using Different Capping Agents 
The formation of β-HgS(s)nano was investigated using different thiols and natural organic matter 
extracted from 3 marine environments. The thiols used in our study included cysteine, glutathione, 4-
mercaptophenylacetic acid (4-MAA), 1,2-ethanedithiol, and 1,3-propanedithiol.  Dissolved organic matter 
(DOM) was extracted from offshore at the shelf break of the North Atlantic Ocean (SB), and closer to shore 
from the west and east of Long Island Sound (WLIS and ELIS, respectively), using a solid phase extraction 
method with a Bond Elut PPL resin.51 This method of extraction is easy to use, has a higher extraction 
efficiency compared to other commercially available cartridges, and also extracts a more representative 
fraction of the DOM and with low salt content.51 In our experiments, the extraction efficiency for DOM 
was 53%, and this is comparable to the extraction efficiency reported for seawater using PPL cartridges.51,60 
β-HgS(s)nano formed on addition of 150 µM HS- to a solution containing 150 µM HgII and 10 mg C/L (833 
µM) DOM or 150 µM HgII and 300 or 150 µM mono or dithiol, respectively. The hydrodynamic diameter 
of the particles was determined using Dynamic Light Scattering (DLS).  
Particles that formed in the presence of ELIS and WLIS DOM were comparable in size (about 13 
nm) and were smaller than those formed in SB DOM, 20 nm (Fig. 2). Among the thiols, the smallest 
particles were formed in the presence of glutathione and 4-MAA (~ 6.5 nm) and these were about half the 
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size of particles forming in cysteine (Fig. 3). Cysteine and glutathione vials with and without methanol 
formed particles of similar size. Hence it was concluded that the methanol added to aid in the dissolution 
of the dithiols and 4-MAA did not have an apparent effect on particle formation. Particles that formed in 
the presence of dithiols were much larger (>100 nm) than those formed in the monothiols. DLS measures 
the hydrodynamic diameter, thus it does not give the diameter of the individual particle. Instead, it uses the 
diffusion coefficient determined from the data to calculate the diameter of a sphere moving in the same way 
as the particles. Since the diffusivity of the particles is influenced by the water of hydration, the adsorbed 
ligand, and the aggregation state; the hydrodynamic diameter is affected by these parameters and can be 
different from the actual size of the individual particle. 
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Fig. 2. The hydrodynamic diameter of DOM capped β-HgS(s)nano. Solutions contained 150 µM Hg(NO3)2, 
150 µM Na2S and 10 mg C/L DOM extracted from Eastern Long Island Sound (ELIS), Western Long 
Island Sound (WLIS) and at the SB of the North Atlantic Ocean (SB), in 2.2 mM NaHCO3 (pH 7.8). 
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Fig. 3. The hydrodynamic diameter of thiol capped β-HgS(s)nano. Solutions contained 150 µM Hg(NO3)2, 
150 µM Na2S and 300 µM monothiol (glutathione, mercaptophenyl acetic acid (4-MAA) or cysteine), or 
150 µM dithiol (1,3-propanedithiol or 1,2-ethanedithiol), in 2.2 mM NaHCO3 (pH 7.8). 
 
To determine if the larger diameter of the dithiol capped β-HgS(s)nano, as determined by DLS 
measurements, was due to a difference in the core particle size between the monothiols and the dithiols, we 
used UV-Vis to determine the size of particles formed in presence of cysteine and the dithiols. This was 
possible because of the quantum confinement effect exhibited by semiconductor nanoparticles with sizes 
similar to Bohr’s radius.61 The size of the particle is related to the energy difference between the band gap 
of the nanoparticle and that of the bulk material using the effective mass approximation theory as described 
in the following equation: 
 
 ΔE = ENP - Ebulk  =  
 h2
8 R2
( 
1
me
 +  
1
mh
 )  − 
1.8 e2
4 ℰ R ∏ ℰ0
            (2)  
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where E is the band gap energy, me and mh are the effective masses of the electron and hole respectively, 
e is the charge of an electron, ℰo is the permittivity of a vacuum, ℰ is the dielectric constant of the material, 
and R is the radius of the particle.     
 
The band gap energy of a semiconductor is the energy required to excite an electron from the 
valence band to the conduction band. As the size of the semiconductor decreases, the band gap energy 
increases, hence nanoparticles have band gap energies larger that their bulk counterparts. The band gap 
energies of HgS(s)nano and CdS(s)nano lie in the UV-Vis region and can be determined from absorbance 
measurements of the semiconductor material. The band gap energy of a nanoparticle is obtained by 
extending a line tangent to the absorption edge (where the peak sharply rises) to the x-axis. As our samples 
were polydisperse, the peak did not rise as sharply and our calculations are estimates of the average particle 
size in the sample. The spectra of the β-HgS(s)nano are shown in Fig. 4 and the band gap energy of the 
cysteine, 1,2-ethanedithiol, and 1,3-propanedithiol capped β-HgS(s)nano were found to be 403, 402, and 417 
nm, respectively. The diameter of the dithiol capped particles, calculated using equation 2 above, was 
similar to that of particles formed in the presence of cysteine (Table 1). This implies that the large 
hydrodynamic diameter of particles forming in the presence of dithiols, obtained from the DLS 
measurements, was not due to bigger individual particles. 
 
Table 1: The diameters of β-HgS(s)nano capped with 1,2-ethanedithiol, 1,3-propanedithiol and cysteine 
determined using the Effective Mass Approximation theory.  
Ligand UV-Vis Diameter (nm) 
1,2-ethanedithiol 5.4 
1,3-propanedithiol 5.5 
Cysteine 5.4 
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Fig. 4. The UV-Vis spectra of thiol capped β-HgS(s)nano. The solutions contained 150 µM Hg(NO3)2, 150 
µM Na2S and 300 µM cysteine or 150 µM dithiol (1,3-propanedithiol or 1,2-ethanedithiol), in 2.2 mM 
NaHCO3 (pH 7.8). 
 
2.3.2. Stability of β-HgS(s)nano with Time 
The growth of the particles was monitored for up to five weeks in experiments where the capping 
agent was ELIS DOM, SB, DOM or cysteine. As in the previous experiment, β-HgS(s)nano were synthesized 
by adding 150 µM HS- to a solution containing 150 µM HgII and 10 mg C/L (833 µM) DOM (ELIS/SB) or 
150 µM HgII and 300 µM (11 mg C/L) cysteine. The DLS measurement of the particles taken immediately 
after the addition of HS- (5 min) gave an average particle size of 19.6 ± 3.6 nm for SB; 12.8 ± 1.7 nm for 
ELIS; and 9.9 ± 1.0 nm for cysteine. Particle size did not change significantly with time when monitored 
for up to 9 h (Fig. 5).  
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Fig. 5. The hydrodynamic diameter of β-HgS(s)nano recorded over time from 0 – 9h of reaction. Solutions 
contained 150 µM Hg(NO3)2, 150 µM Na2S and 10 mg C/L ELIS DOM (a); SB DOM (b); or 300 µM 
cysteine (c), in 2.2 mM NaHCO3 (pH 7.8). 
 
At longer times (up to 5 weeks), particles capped with ELIS DOM did not show significant growth 
as they remained about the same size (Fig. 6a) while those capped with SB DOM grew significantly over 
time (from about 20 to 40 nm), Fig. 6b. Particles formed in presence of cysteine were not monitored by 
DLS at longer times. In earlier experiments, however, we found that particles forming at the same 
concentration of reagents, as used here, did not grow appreciably when monitored for 3 weeks using 
absorbance measurements. The overlaid UV-Vis spectra for the β-HgS(s)nano formed in the earlier 
experiment is shown in Fig.7. The particles had an average particle size of 5.4 ± 0.02 nm. 
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Fig. 6. The hydrodynamic diameter of β-HgS(s)nano monitored over time for up to 5 weeks. Solutions 
contained 150 µM Hg(NO3)2, 150 µM Na2S and 10 mg C/L ELIS DOM (a) and SB DOM (b) in 2.2 mM 
NaHCO3 (pH 7.8). 
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Fig. 7. The overlaid UV-Vis spectra of cysteine capped β-HgS(s)nano. The solutions contained 150 µM 
Hg(NO3)2, 150 µM Na2S and 300 µM cysteine in 2.2 mM NaHCO3 (pH 7.8).  
 
To understand why the NPs formed in presence of ELIS and SB DOM were different in size, the 
two DOM were characterized using absorption and fluorescence spectroscopy. The specific ultraviolet 
absorption (SUVA), calculated by dividing the Naperian absorption coefficient at 254 nm with the 
0
5
10
15
20
0 2 4 6
D
ia
m
e
te
r 
(n
m
)
Reaction time (wks)
0
10
20
30
40
50
0 2 4 6
D
ia
m
e
te
r 
 (
n
m
)
Reaction time (wks)
(a) (b) 
38 
  
concentration of the DOM in solution, was determined to be 4.9 and 2.5 L mg-1m-1 for ELIS and SB DOM, 
respectively. The 3D excitation and emission matrices of fluorescence scans (Fig. 8) obtained by combining 
spectra collected at an excitation wavelength of 250 to 450 nm, show that ELIS has a higher fraction of 
humic-like materials (max emission at a longer wavelength) and a lower fraction of proteinaceous-like 
materials (max emission at a shorter wavelength) than SB.  
 
Fig. 8. Excitation and emission matrices (EEM) of dissolved organic matter extracted from surface waters 
collected from (a) Eastern Long Island Sound (ELIS) and (b) at the shelf break of the North Atlantic Ocean 
(SB). Fluorescence intensities are given in Raman Units (R.U). 
 
2.3.3. Stability of β-HgS(s)nano under Different Environmental Conditions 
To study the stability of particles when exposed to sunlight and oxygenated conditions, β-HgS(s)nano 
were formed at a ratio of 15 µmole HgII /mg C using ELIS DOM. This was also the ratio used to study the 
stability of the particles with time. To examine the stability of the particles in sunlit conditions, the formed 
nanoparticles were exposed to sunlight while to examine the oxidation of the particles in oxic environments, 
the particles were purged with air. Whereas the particles in dark conditions, whether purged with air or 
nitrogen, showed no or slight growth over time, exposure to sunlight led to significant increase in particles 
size, from about 13 nm to up to 71 nm, (Fig. 9). Moreover, the particles that were exposed to both air and 
light settled out after 2 weeks, while the rest remained stable in solution for at least 1 month. To determine 
if there was any change in the aromatic content of the DOM in our vials, we added CaCl2 to precipitate the 
nanoparticles from the solution. After centrifugation, the supernatant was filtered through a 0.2 µm syringe 
filter; absorbance measurements were taken, and the DOC concentration in the solution analyzed. The 
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SUVA for the DOM remaining in solution after particles precipitated was calculated to be 2.7 L mg-1 m-1 
for the DOM present in the dark anoxic conditions and 2.3 L mg-1 m-1 for solutions that were exposed to 
sunlight and oxygen, compared to the value of 4.9 L mg-1 m-1 prior to the experiments. 
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Fig. 9. The hydrodynamic diameter of β-HgS(s)nano exposed to different environmental conditions. 
Solutions contained 150 µM Hg(NO3)2, 150 µM Na2S and 10 mg C/L ELIS DOM in 2.2 mM NaHCO3 (pH 
7.8). 
 
2.3.4. Formation of β-HgS(s)nano at Different Hg
II:DOM Ratios 
β-HgS(s)nano were also formed in presence of different amounts of ELIS DOM. Dissolved organic 
matter is composed of a mixture of organic molecules containing phenolic, carboxylic, amino, and thiol 
functional groups. As a soft acid, HgII forms stronger complexes with thiol containing moieties of the DOM 
than with moieties containing the other functional groups. The thiol functional groups on DOM are found 
however, at a much lower concentration than the O and N containing groups.53 Thus, as the concentration 
of HgII increases, the thiol groups become saturated and HgII binds to weaker O and N containing groups.53 
The binding affinity of HgII to DOM therefore increases with a decrease in the HgII:DOM ratio. Using 
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aquatic DOM, Haitzer et al., showed that the binding affinity of HgII to DOM increased with a decrease in 
DOM concentration up to 5 nmol HgII/mg C, at which point the researchers did not record a further increase 
in the binding affinity.50 Here, we varied the HgII:DOM ratio from 1.5 nmol HgII/mg C, where the binding 
affinity of HgII to DOM is higher, to 150 µmole HgII /mg C. The size was found to increase as the ratio 
increased (Fig. 10). Reaction vials containing a ratio greater than 68 µmole HgII /mg C precipitated (settled) 
a few minutes to one hour after the introduction of HS-.  
 
  
Fig. 10. The hydrodynamic diameter of β-HgS(s)nano precipitated at different ratios of HgII:DOM from 1.5 
nmol – 68 µmol/mg C (a); and linear relation between the diameter of the β-HgS(s)nano and the HgII:DOM 
ratio obtained from 6.8–41 µmol/mg C (b). Solutions contained 150 µM Hg(NO3)2, 150 µM Na2S and ELIS 
DOM in 2.2 mM NaHCO3 (pH 7.8).  
 
Between 6.8 and 41 HgII µmole/mg C, particle size increased gradually from an average of 6.5 ± 
1.8 to 23.3 ± 1.0 nm, after which there was a sharp increase in particle size (Fig. 10a). At the two lowest 
ratios used (1.5 nmol and 1.5 µmole HgII /mg C) the particle diameter obtained from DLS measurements 
was 61.3 and 33 nm, respectively. The TEM images of particles formed at 1.5 nmol HgII /mg C confirm the 
presence of particles of ~5 nm in size, (Fig. 11). TEM images of particles formed at a ratio 1.5 µmole HgII 
/mg C were not taken in this study, but earlier studies using DOM extracted from Long Island Sound and 
following the same method of β-HgS(s)nano synthesis as used here, show that particles of 4.9 nm in diameter 
formed at a ratio of 1 µmol HgII /mg C.62 
0
25
50
75
100
0 15 30 45 60 75
D
ia
m
e
te
r 
 (
n
m
)
HgII: DOM (µmol/mg C)
y = 0.4501x + 3.7994
R² = 0.9425
0
5
10
15
20
25
0 10 20 30 40 50
D
ia
m
e
te
r 
(n
m
)
HgII:DOM (µmol/mg C)
(b) (a) 
41 
  
 
 
 
 
 
 
 
Fig. 11. Transmission Electron Microscopy (TEM) images of β-HgS(s)nano precipitated at HgII:DOM ratio 
of 1.5 nmol /mg C.  
 
2.3.5. The Interaction of HgII with CdS(s)nano  
We also studied the interaction of HgII with CdS(s)nano. The CdS(s)nano were synthesized using 150 
µM CdII, 75 µM HS-, and 600 µM cysteine. The absorption spectrum of the CdS(s)nano solution shows the 
typical absorption feature of CdS quantum dots and the particle diameter was calculated using equation 1 
to be 3.5 nm (Fig. 12). The diameter calculated from TEM images (Fig. 13) was found to be 3.0 ± 0.4 nm, 
comparable to the one obtained by absorption measurements.  
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Fig. 12. The UV-Vis spectra of cysteine capped CdS(s)nano. The solutions contained 150 µM Cd(NO3)2, 75 
µM Na2S and 600 µM cysteine in 2.2 mM NaHCO3 (pH 7.8). 
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Fig. 13. Transmission electron microscopy (TEM) images of CdS(s)nano precipitated in solutions containing 
150 µM Cd(NO3)2, 75 µM Na2S and 600 µM cysteine in 2.2 mM NaHCO3 (pH 7.8). 
 
When the CdS(s)nano were excited at λex 350 nm, a broad emission centered at 540 nm was observed 
and this was quenched sequentially on addition of 0.1–0.3 µM HgII (Fig. 14). Time-resolved fluorescence 
measurements were performed on all the CdS(s)nano solutions with and without HgII addition. The 
measurements were fitted to a biexponential decay curve and the lifetime of the excited state of CdS(s)nano 
was found not to change with HgII addition (Fig.15).  
                               
Fig. 14. Fluorescence spectra of CdS(s)nano precipitated in solutions containing 150 µM Cd(NO3)2, 75 µM 
Na2S and 600 µM cysteine in 2.2 mM NaHCO3 (pH 7.8), before and after 0–0.3 µM HgII addition. 
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Fig. 15. Overlaid time-resolved fluorescence spectra of CdS(s)nano solutions with 0–0.3 µM HgII added. The 
CdS(s)nano were formed in solutions containing 150 µM Cd(NO3)2, 75 µM Na2S and 600 µM cysteine in 2.2 
mM NaHCO3 (pH 7.8). 
 
The quenching of CdS(s)nano by HgII was also found to follow the Stern-Volmer relationship, as 
described in the following equation: 
 
Fo/F = 1 + Ka Q  (3) 
 
Where Fo represents the fluorescence intensity of the pure CdS(s)nano, F is the fluorescence of 
particles after addition of HgII, Q is the concentration of HgII and Ka is the association constant. 
 
A plot of Fo/F vs. Q, gave a straight line and the log Ka was determined to be 5.7 M-1 (Fig. 16). To 
compare with stability constants in the literature, Ka was converted to K by multiplying with the fraction 
of the free HgII present in solution. The fraction of free HgII is the fraction of HgII that is not bound to ligands 
(thiols and sulfide), and was determined by calculating the speciation of HgII at the conditions of our 
experiment using the stability constant given in the supporting information. The stability constant for the 
reaction between HgII and CdS(s)nano was determined to have a log K of 38. 
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Fig. 16. Stern-Volmer plot for the quenching of CdS(s)nano by the addition of 0–0.3 µM HgII. The CdS(s)nano 
were precipitated in solutions containing 150 µM Cd(NO3)2, 75 µM Na2S and 600 µM cysteine in 2.2 mM 
NaHCO3 (pH 7.8) 
 
2.4. Discussion 
 
2.4.1. Formation of β-HgS(s)nano with Different Capping Agents 
Our results show that all the thiols and organic matter used in this study passivated the surface of 
β-HgS(s)nano well enough to prevent sedimentation during the course of the experiment. The passivation 
can be assumed to be due to HgII-thiol binding and hydrophobic interactions between the surface of the 
particle and organic matter in solution, as has been suggested in previous studies.25,37,42-44,63 The differences 
in the size of the particles formed imply differences in the ability of the organics to hinder aggregation and 
growth. Cysteine, a low molecular weight aliphatic molecule, formed particles twice as big as particles 
formed in 4-mercaptophenyl acetic acid (4-MAA), and glutathione (Fig. 3). Similarly, ELIS DOM and 
WLIS DOM formed smaller particles than SB DOM (Fig. 2). There was no significant difference between 
the zeta potentials (Table 2) for particles forming in ELIS DOM, SB DOM, cysteine, and 4-MAA implying 
the difference in size exhibited by particles capped with ELIS DOM vs SB DOM and particles capped with 
cysteine vs 4-MAA, is not due to differences in the repulsive forces between like charged particles. 
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Table 2: The zeta potentials of β-HgS(s)nano capped with ELIS DOM, SB DOM, cysteine and 4-
mercaptophenylacetic acid (4-MAA).  
Ligand Zeta Potential 
ELIS -34 ± 4.6 
SB -33 ± 9.5 
Cyst -36 ± 8.1 
4-MAA -28 ± 8.8 
 
 4-MAA is an aromatic thiol while ELIS DOM and WLIS DOM contain a larger portion of aromatic 
and humic material than SB (Fig. 8). The capping agents with more aromatic organic matter formed smaller 
particles than the less aromatic ones, suggesting that steric forces are important in preventing aggregation 
and growth of nanoparticles. Glutathione, a non-aromatic molecule formed particles smaller than those 
formed by cysteine possibly because its larger molecular weight than that of cysteine induces steric forces. 
Our results are in line with previous studies, which found an inverse relation between molecular weight and 
aromaticity with the size of β-HgS(s)nano.25,42,64  
In our experiments, we also found that in addition to molecular weight and aromaticity, multiple 
thiol groups in a molecule impact the aggregation and growth of particles. Cysteine, an aliphatic monothiol, 
formed particles with the same core size as the two dithiols used here (Table 1). However, as the 
hydrodynamic diameter of the dithiol capped particles was much larger than that of particles capped with 
cysteine, we suggest that one dithiol molecule possibly adsorbed on two neighboring particles causing inter-
staple cross-linking. The larger hydrodynamic diameter of the dithiols witnessed in Fig. 3 was thus due to 
bridged particles diffusing together in solution. This cross-linking behavior has been observed in studies 
looking at Au, PbS, and CdTe nanoparticles.65-67 Inter-staple cross-linking reduces the distance between 
two particles and is known to cause aggregation and precipitation.65 Here, while the particles capped with 
monothiols remained suspended in solution; sedimentation occurred within 10 days of reaction when the 
dithiols were used. The type of organic matter present in aquatic systems thus influences the size and 
stability of the nanoparticles formed.  
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2.4.2. Formation of β-HgS(s)nano at Different Hg
II:DOM Ratios 
β-HgS(s)nano were also formed under different ratios of HgII:DOM from 1.5 nmol – 150 µmole 
HgII/mg C. At intermediate ratios (6.8 – 41) of HgII:DOM used here, a linear relationship between the 
HgII:DOM ratio and the size of the particles was observed (Fig. 10b). This linear relationship suggests the 
size of the particles forming at the intermediate ratios of HgII:DOM is controlled by the concentration of 
DOM in solution. To explain this trend, a brief overview on the theory of particle formation is necessary. 
Nanoparticle formation is described to consist of two steps: nucleation and growth.36 Prior to nucleation, 
the high surface energy associated with the creation of a new phase deters particle formation and ions exist 
in solution as monomers or polynuclear dissolved clusters well beyond the saturation point.36 At a critical 
concentration of monomers, a burst of nucleation occurs, creating nuclei of critical size whose high surface 
energy is balanced by the favorable bonds formed between monomers.36 Growth follows nucleation and 
this typically begins with the attachment of new ions to the already formed nuclei.36,39 The second stage of 
growth occurs by Oriented Attachment where small particles aggregate and merge to form bigger and more 
stable particles.36,37,39 In Oriented Attachment, colliding NPs are first bound by weak van der Waals or 
electrostatic forces.37 If the orientation of the two crystals is such that new bonds can be formed between 
the particles, then surface adsorbed ligands are removed and stronger covalent bonds are formed between 
the two particles leading to coalescence and growth.37,68 Growth via Ostwald ripening can also happen, 
where smaller particles, possessing a higher surface energy than larger particles, dissolve and supply ions 
that feed the growth of the larger particles.37 Cysteine capped CdS(s)nano forming under similar conditions 
as used here were found to grow via Oriented Attachment.37 That is also likely the case for the β-HgS(s)nano 
forming in this study. 
In the presence of organic matter, the organic molecules adhere to the surface of the growing nuclei 
and rapidly undergo adsorption and desorption.39,69 This process exposes some sections of the surface that 
become momentarily available for growth by the growth mechanisms mentioned above.39 We can therefore 
expect that at a higher concentration of organic matter, more organic molecules compete for the sites on the 
particle surface; the desorption of one DOM molecule will be more rapidly followed by the adsorption of 
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another molecule. An increase in the concentration of the organic matter will therefore decrease the 
accessibility of the particle and hinder growth. In addition, organic molecules also form complexes with 
metal ions in solution.39 This complexation hinders the attachment of new ions to the growing nuclei, and 
the stronger the complex formed the slower the growth of the particle.39,69 In the same way, an increase in 
the concentration of organic matter in solution will increase HgII complexation and inhibit the growth of β-
HgS(s)nano. The growth of β-HgS(s)nano at the intermediate ratios of HgII:DOM can be considered to be 
reaction limited meaning for growth to occur adsorbed molecules need to be removed. The activation 
energy for growth to occur increases with a decrease in HgII:DOM ratio, hence the decrease in size with an 
increase in HgII:DOM ratio. The rapid increase in size at a HgII:DOM ratio of 68 µmole HgII /mg C suggests 
that the growth of β-HgS(s)nano here is no longer controlled by the DOM concentration. Although the 
particles did not settle during the course of the experiment, all other ratios used beyond this led to 
sedimentation within an hour of reaction.  
At the lowest two ratios of HgII:DOM used in this study (1.5 nmol and 1.5 µmol/ mg C), β-
HgS(s)nano with large hydrodynamic diameter formed (Fig. 10). TEM images of particles formed at a ratio 
of 1.5 nmol HgII /mg C in this study and at a ratio of 1 µmol HgII /mg C in our earlier studies confirm that 
particles ~ 5 nm (Fig. 11) formed at these ratios.62 Large hydrodynamic diameters of Au and hematite 
particles have been detected under high DOM concentration or high ionic strength.70,71 It has been suggested 
that under these conditions, inter and intramolecular forces of DOM are screened resulting in increased 
DOM adsorption.70,72 To minimize repulsive forces between the adsorbed DOM molecules, the molecules 
adopt coiled structures that extend far in to solution.70-72 Adsorption layers up to 55 nm have been witnessed 
for hematite nanoparticles stabilized with Aldrich humic acid.71 The large hydrodynamic diameter of the 
particles (Fig. 10a) at the two lowest ratios of HgII:DOM used here are thus likely caused by conformational 
changes rather than by the aggregation of nanoparticles.  
Using the linear relationship between size and HgII:DOM in Fig. 10b, we predict the average size 
of particles precipitating at a HgII:DOM ratio of 1.5 nmol/mg C to be 3.8 and those precipitating at 1.5 
µmol/mg C to be 4.5 nm. This is similar to the diameter of the particles determined by TEM in this study 
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(Fig. 11) and in the earlier studies that we conducted.62 Using the average diameters of the particles 
determined by our relation, we estimated that roughly 56 and 49 % of HgII atoms will be on the surface of 
the particles formed at a ratio of 1.5 nmol/mg C and 1.5 µmol/mg C, respectively. We used the density and 
molecular weight of β-HgS(s) to determine the volume of one Hg-S molecule (28.7 cm3 mol-1), and assumed 
a monolayer coverage of Hg-S monomers on the surface of the particle. As the particles, will have defects 
and vacancies which will affect the distribution of atoms, our calculations are simply rough estimates of 
surface atoms. In addition, our relation is based on the hydrodynamic diameter rather than the core diameter 
of the particles. We also assume that all the Hg atoms on the outermost layer of Hg-S monomers on the 
particle are accessible from the surface. The factors mentioned above, and which we don’t take into account 
here, will affect the actual % of Hg atoms present on the surface. Nonetheless, our relation suggests that β-
HgS(s) forming in the natural environment will have a size of ~ 5 nm with a substantial fraction of the atoms 
residing on the surface of the particles. The surface atoms on the nanoparticles are labile and maybe more 
prone to dissolution. It has also been suggested that the labile surface atoms could interact with ligands 
present on the cell wall of Hg methylating bacteria, and are thus more bioavailable for uptake by the bacteria 
relative to bigger micrometer sized particles.34 The uptake mechanism of β-HgS(s)nano by Hg methylating 
bacteria has however, not been demonstrated. 
Our results showing increase in size with decreasing concentration of organic matter are consistent 
with previous studies using fresh water and soil derived DOM.26,42 For example, it was found that in the 
presence of Suwannee River Humic Acid (SRHA) at a ratio of 3 μmol HgII/mg C, the nanoparticles were ~ 
50 nm, and increased with decreasing ratio to be >150 nm at a ratio of 12 μmol HgII/mg C.42 Here we 
similarly show that high HgII:DOM ratios are required to induce aggregation and sedimentation. It is useful 
to consider the relative ratio of HgII to thiol ligands in the DOM under these conditions. Various 
investigators have estimated the number of thiol groups (RSH) in DOM and suggest that the mole ratio of 
RSH groups to DOC ranges from 0.0006 to 0.0009 mol RSH/mol C.10,22 Using these ratios, we can estimate 
that at a HgII:DOM ratio of between 0.05 and 0.08 µmol HgII/mg C the mole ratio of HgII to RSH ligands 
starts to be  >1. Considering that not all the Hg atoms are on the surface of the nanoparticles, especially as 
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they begin to increase in size, a higher ratio would be needed before aggregation and precipitation is 
induced.  
As discussed above, size reflects the inability of the organic matter to effectively cap the surface 
and prevent aggregation, so this should start occurring in the range of concentrations where the ratio of 
surface Hg atoms to RSH is greater than 1. From Fig. 10 it appears that somewhat higher surface HgII:RSH 
mole ratios (~60) are required before substantial particle growth begins suggesting either that the estimate 
of thiol concentration above is too low, or that other ligands besides thiols, may be involved in the 
interaction with the nanoparticle surface. While previous studies have indicated that carboxylic acids are 
not effective in hindering the precipitation β-HgS(s) even at low HgII:DOM ratios (0.8 µmol Hg/mg C), it 
is possible that the amine groups and other strong binding sites within the DOM could also be involved in 
the passivation of the surface of β-HgS(s)nano.42  In calculating the mole ratios of surface Hg atoms to RSH 
in Fig. 10, we assumed 100% yield of β-HgS(s)nano. The actual yield is however much less than 100%, but 
since the unreacted HgII likely exists as bound to two thiol groups on DOM molecules, the ratio of Hg atoms 
on the surface of the nanoparticles to unbound thiol groups will be higher than 60 further supporting the 
involvement of other functional groups in the passivation of the nanoparticle surface.   
Under high ionic strength, the high salt concentration will undoubtedly shield repulsive forces 
induced by the adsorbed layer of DOM between particles and possibly lead to aggregation and 
sedimentation, even at low HgII: DOM ratios. We did not investigate the effect of ionic strength on the 
aggregation and growth of β-HgS(s)nano. Previous studies on β-HgS(s)nano stabilized by humic acids indicate 
that the growth rate of particles increase at a higher ionic strength, though this was not reported to lead to 
bulk precipitation.42 The presence of multivalent ions in solution is also likely to destabilize the 
nanoparticles by bridging DOM molecules, similar to the effect of the dithiols discussed earlier. Indeed, 
relatively small concentrations of Mg2+, Ca2+, and Al3+ induced the aggregation of CdTe quantum dots, yet 
they remained stable at high concentrations of KCl.73 Even considering a well-passivated particle, high 
concentrations of mono and divalent ions in solution can induce aggregation and sedimentation. The settled 
particles, however, can be expected to remain loosely bound due to the intercalation of the DOM molecules 
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between the particles. Particles effectively passivated by DOM but aggregating under high salt 
concentration could be re-suspended with mechanical perturbation.  
 
2.4.3. Persistence of β-HgS(s)nano in the Environment 
Short and long term studies looking at the change in particle size reveal that the diameter of the β-
HgS(s)nano formed in cysteine and marine DOM did not change appreciably with time (Fig. 3 and 4). This 
is similar to what previous studies have found for particles forming in Suwanee river humic and fulvic acid 
—a terrestrially derived DOM.24,42 Pham et al., using Small Angle X-ray Scattering (SAXS) suggests that 
contrary to the DLS results, particles are in fact aggregating in solution.24 It was argued that the constant 
diameter by DLS is because the intensity weighted DLS measurements are biased towards bigger particles 
which in this case are not increasing in size. Other studies have shown that the Hg-S-DOM solution is in a 
state of dynamic equilibrium where the formation and dissolution of β-HgS(s)nano is happening continuously 
over time.25 In our system, we monitored particles for over a month, and during this time the average growth 
rate was 0.6 and 4 nm/week for ELIS and SB DOM, respectively (Fig. 6). Also, no sedimentation was 
noticed during the entire period. Our results suggest that while it is possible that formation, aggregation, 
and dissolution of β-HgS(s)nano are all concurrently happening over time, the slight growth rate observed 
after 5 weeks indicates aggregation may be a more dominant process, albeit happening at a slow rate.  
Rapid aggregation and growth happened when the solutions were purged with air and/or exposed 
to sunlight (Fig. 9). Irradiation is known to cause the photo-degradation of DOM by reactive oxygen species 
— produced from reactions involving an excited DOM molecule and a singlet 1O2 molecule.74,75 Photo-
degradation degrades aromatic compounds, particularly those with phenolic structures.74,76,77 The aromatic 
content, as determined from SUVA at 254 nm, of the DOM remaining in solution after particle precipitation 
was 2.4 L mg-1 m-1 for the light oxic vials and 2.9 L mg-1 m-1 for the dark anoxic vials. These values are 
both lower than the SUVA for ELIS DOM determined before the addition of HgII and HS- (4.9 L mg-1m-1). 
For the dark anoxic vials, the precipitation of β-HgS(s)nano was induced by the addition of CaCl2 to the 
reaction solutions while in the light oxic vials, particles precipitated naturally and CaCl2 was added to keep 
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the conditions between the two experiments similar. While the lower SUVA value for the light oxic vials 
relative to the value for ELIS DOM before HgII and HS- addition can be attributed to the degradation of the 
aromatic components of DOM; the lower SUVA for the DOM in the dark anoxic vials was likely because 
the DOM adsorbed on the β-HgS(s)nano also settled with the particles when precipitation was induced by 
adding CaCl2. Thus, the supernatant solution from the dark anoxic vials was deficient in aromatic 
components of DOM. The photo-oxidation of DOM in the light oxic vials could have been enhanced by the 
presence of β-HgS(s)nano themselves. Because of the quantum confinement effect discussed earlier, the band 
gap of β-HgS(s)nano lies in the UV-Vis region. Absorption of light by the β-HgS(s)nano can result in the 
excitation of electrons from the valence band to the conduction band and if this electron is captured by a 
dissolved oxygen molecule, a superoxide radical can be produced. Indeed, the potential for photocatalytic 
degradation of aromatic pollutants by metal sulfide nanoparticles has been explored.78,79 It is also possible 
that light and air induced other changes in the DOM molecules, such as the photoxidation of thiol groups 
or the formation of nanoparticles from DOM, which might have contributed to the growth and aggregation 
of β-HgS(s)nano when exposed to air and light.   
Aside from photo-oxidizing the DOM, presence of dissolved oxygen in our systems might be 
suspected to cause the oxidative dissolution of the β-HgS(s)nano. Oxidative/reductive dissolution is known 
to occur for minerals containing elements that are redox-sensitive.64 Both Hg and S undergo redox reactions, 
but only the oxidation of S on HgS(s) has been shown to contribute to its dissolution.64,80 The rate of 
dissolution of cinnabar (α-HgS(s)) was found to be similar to the weathering of stable minerals like quartz.81 
Though others have suggested that DOM can catalyze the oxidation of S, very little has been done to explore 
the role of DOM on the oxidative dissolution of HgS(s).64 In our experiments, dissolution could not have 
occurred appreciably as particle size increased rather than decreased with exposure to air and/or light 
(Fig.11). Additionally, sedimentation was noticed 2 weeks later in the light oxic vials and not in any of the 
other vials, suggesting that β-HgS(s)nano in light oxic conditions continued to aggregate and eventually 
precipitate out of solution. Overall, our results indicate that photo-induced changes in DOM affect the fate 
of β-HgS(s)nano forming in aquatic systems. 
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2.4.4. The Interaction of HgII with CdS(s)nano 
CdS(s)nano were formed from solutions containing 600 µM cysteine and 150 µM each of CdII and 
HS-. The band gap energy of the CdS(s)nano synthesized here was 417 nm (Fig. 12) and the particle size 
calculated using equation 2 was 3.5 nm—comparable to the size determined from TEM images (Fig.13). 
When electrons in the valence band of the CdS(s)nano are excited to the conduction band, they can relax 
radiatively to give a band gap emission or a trap state emission. During a band gap emission, the excited 
electrons return straight from the conduction band back to the valence band and emit a photon of the same 
energy as the band gap of the particle. A trap state emission, on the other hand, arises from the presence of 
trap states in the lattice of CdS(s)nano. During a trap state emission, the excited electrons first relax non-
radiatively from the conduction band to a trap state; and then radiatively back to the valence band (Fig. 17). 
The trap state emission therefore occurs at a longer wavelength than the band gap emission. For the 
CdS(s)nano synthesized here, the emission of the particles was observed at 540 nm when particles were 
excited at 350 nm; thus, the emission lies lower in energy than the bag gap of the particles (417 nm). We 
can therefore conclude that the observed fluorescence of the CdS(s)nano in Fig. 14 is due to a trap state 
emission. 
 
 
  
 
Fig. 17. Schematic diagram describing the bandgap (a); and trap state (b) emission of CdS(s)nano. 
a) b) 
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Vaematahau et al. determined using photoluminescence spectroscopy and X-ray Photoelectron 
Spectroscopy (XPS), that the trap state emission in CdS(s)nano originates from the presence of unsaturated 
Cd atoms on the surface of the particles.82 CdS(s)nano well passivated with thiol ligands or encapsulated with 
a layer of another material such as ZnS or Cd(OH)2 showed no trap sate emission.83-85 In our experiments, 
the CdS(s)nano were sulfide deficient as the concentration of HS- in solution was half the concentration of 
CdII. The surface of the CdS(s)nano was thus Cd enriched and this may have contributed to the trap state 
emission observed. Though the concentration of cysteine was four times that of CdII, complete passivation 
of the surface trap states by the thiol ligands is difficult due to steric hindrance.86  
The quenching of the fluorescence of CdS(s)nano observed in Fig. 14 on addition of different 
concentrations of HgII to the CdS(s)nano solutions, followed a linear trend described by the Stern-Volmer 
relationship (Eqn. 3). The quenching of the fluorescence can be due to static or dynamic quenching. While 
in static quenching, the quenching is due to the formation of a non-fluorescent complex, dynamic quenching 
occurs due to an increase in non-radiative decay processes caused by molecular collisions between the 
fluorophores and ions in solution. As dynamic quenching increases the non-radiative decay rate, it decreases 
the lifetime of the excited state of the material. Time-resolved fluorescence measurements of our CdS(s)nano 
solutions show that the lifetime of the excited state of CdS(s)nano did not change during the quenching 
process; suggesting that the quenching was static rather than dynamic. Using the Stern-Volmer relationship, 
we determined the stability constant for the reaction between HgII and CdS(s)nano (depicted in Eqn. 4) to be 
1038; a value similar to the constant for the formation of β-HgS(s).  
 
                               CdS(s)nano +   HgII                       Hg–CdS(s)nano               (4)       
 
The nature of the non-fluorescent complex formed in equation 4 could not be determined in this 
work.  Efforts to map the elemental composition of the products using high resolution TEM (HRTEM) were 
unsuccessful as the images were blurred during mapping, likely because of the high concentration of 
cysteine present in our solutions. However, mixed complexes of Cd and Hg chalcogenide have been 
fluorescente
ntffff 
non-fluorescententffff 
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synthesized before from the partial exchange of CdII in CdS or CdTe quantum dots by HgII added in solution, 
and is also possible here.47,84,87  
 
2.5. Conclusions and Environmental Implications 
Previous studies have reported higher HgII methylation rates in offshore marine environments 
relative to estuaries and coastal systems. For example, Hollweg et al. reported higher HgII methylation rates 
in the continental shelf and the slope of the mid-Atlantic continental margin relative to the Chesapeake Bay 
(an estuary).11 Hammerschmidt et al., reported higher MeHg production in Long Island Sound and 
continental shelf relative to the NY/NJ harbor.8 Higher HgII methylation rates in certain systems over others 
has been mainly attributed to four things: i),  low binding affinity of HgII to particulate organic matter in 
the sediment which increases the dissolved HgII concentrations in porewater and consequently its 
bioavailability to methylating bacteria; ii) fresh labile inputs of organic matter which stimulate bacterial 
methylating activity; iii) the formation of Hg-S neutral complexes which are more bioavailable than charged 
species; and iv) the formation of smaller β-HgS(s) particles which are more bioavailable than bigger 
particles.8,11,14,88,89 While the first three reasons for higher MeHg production can be possible explanations 
for the high methylation rates recorded in offshore environments, the last cannot. Our results show that 
bigger and less stable NPs form in presence of SB DOM (extracted offshore) relative to ELIS DOM 
(extracted closer to shore). Thus, NPs forming in offshore environments, where the DOM is less humic, 
will be bigger and less available than those forming in coastal or estuarine environments.  
In this work, we used equimolar concentrations of mercury and sulfur to precipitate the NPs. This 
is unlikely to be found in the environment, where the concentration of mercury is lower than that of sulfide. 
Typical concentrations of mercury and sulfur in uncontaminated systems range from 10–600 pM and 0.1–
1000 µM, respectively.10,15,90 In experiments where we varied the mole ratio of Hg:S from 1 to 10-5, we 
were unable to get a consistent measurement from DLS as the solutions were highly variable and in most 
cases the measurement was aborted. Using speciation modeling, we determined that the saturation index of 
β-HgS(s) (Q/K) will be exceeded for environments containing nM concentrations of mercury and µM 
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concentrations of sulfide, close to what will be found in pristine systems. In contaminated environments, 
the concentration of mercury is in the nM range and the precipitation of β-HgS(s)nano capped with organic 
matter is very likely.91,92 In both contaminated and pristine environments, the presence of various other 
metal ions in solution causes mixed metal sulfides to precipitate.93 In systems containing iron, phosphate 
and arsenic, mixed co-precipitates with the composition Fe[(OH)3, PO4].nH2O) and Fe[(OH)3, AsO4, 
PO4].nH2O are known to form at Fe/P ratios lower than predicted by the solubility of their respective bulk 
materials.32,94 This suggests that mixed β-HgS(s)nano precipitates can also form in the environment at ratios 
lower than predicted from thermodynamic calculations. 
Our results also show that β-HgS(s)nano forming in porewater should remain stable in dark anoxic 
conditions for more than a month. Additionally, as discussed in Chapter 3, there is evidence that HgII in the 
form of β-HgS(s)nano is more bioavailable to Hg methylating bacteria than micro-sized β-HgS(s), although 
it is not as bioavailable as other HgII complexes. Therefore, the presence of nanoparticles in sediments could 
affect the rate at which inorganic Hg is converted into MeHg in sediments. 
The transportation of β-HgS(s)nano from dark porewaters to surface waters can impact the stability 
of the particles as DOM adsorbed on the surface of the particles will photodegrade on exposure to sunlight. 
The in situ production or fresh inputs of unreacted DOM, however, can be expected to counteract its loss 
by photodegradation, and replace the degraded organic matter on the surface of the particles. Aggregation 
and sedimentation of the particles is also expected to happen when β-HgS(s)nano encounters solutions of 
high ionic strength; though this will likely result in the formation of loosely bound particles that can be 
easily re-suspended back into the water column with disturbances such as animal burrowing activities or 
during a storm event.  
The interaction of HgII with CdS(s)nano shown here has major implications for the behavior of 
engineered nanoparticles and their exposure to marine organisms. Semiconductor nanoparticles commonly 
known as quantum dots, include CdS, CdSe, CdTe and ZnS. Their use in medical imaging, photovoltaic 
and solar cells, has increased over the years, which means their eventual release into the aquatic systems is 
inevitable.95 Quantum dots entering the marine environment can be incorporated into marine snow and 
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taken up by filter-feeders such as bivalves, as has been shown for TiO2 nanoparticles.96 Marine snow is 
composed of organic and inorganic particles bound together by a polymeric material excreted by bacteria 
and phytoplankton.97 As the capture efficiency of particles by bivalves increases with particles size, the 
incorporation of quantum dots into marine snow increases their bioavailability to marine organisms.98 The 
incorporation of HgII in CdS(s)nano, as shown in our experiments, will thus increase the bioavailability of 
HgII to bivalves and other filter feeders, who would otherwise not have taken up the mercury from the 
dissolved phase.   
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3. Enhanced Availability of Mercury Bound to Dissolved Organic Matter for Methylation in 
Marine Sediments  
 
The paper has been published in Geochimica et Cosmochimica Acta on 08/28/2016. A modified 
word copy of the article is presented here with permission from Elsevier.  
 
Mazrui, N.M.; Jonsson, S.; Thota, S.; Zhao, J.; Mason, R.P. Enhanced availability of mercury bound to 
dissolved organic matter for methylation in marine sediments. Geochim. Cosmochim. Acta 2016, 194, 153-
162; 10.1016/j.gca.2016.08.019 
 
3.1 Abstract 
The forms of inorganic mercury (HgII) taken up and methylated by bacteria in sediments still remain 
largely unknown. From pure cultures studies, it has been suggested that dissolved organic matter (DOM) 
may facilitate the uptake either by acting as a shuttle molecule, transporting the HgII atom to divalent metal 
transporters, or by binding HgII and then being transported into the cell as a carbon source. Enhanced 
availability of HgII complexed to DOM has however not yet been demonstrated in natural systems. Here, 
we show that HgII complexed with DOM of marine origin was up to 2.7 times more available for 
methylation in sediments than HgII added as a dissolved inorganic complex (HgII(aq)). We argue that the 
DOM used to complex HgII directly facilitated the bacterial uptake of HgII whereas the inorganic dissolved 
HgII-complex adsorbed to the sediment matrix before forming bioavailable dissolved HgII complexes. We 
further demonstrate that differences in net methylation in sediments with high and low organic carbon 
content may be explained by differences in the availability of carbon to stimulate the activity of Hg 
methylating bacteria rather than, as previously proposed, be due to differences in HgII binding capacities 
between sediments. 
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3.2. Introduction 
Methylmercury (MeHg) is a neurotoxic form of Mercury (Hg) that is produced under anoxic 
conditions in sediments, soils and aquatic waters from inorganic divalent mercury (HgII) mainly by sulfur 
and iron reducing bacteria (Compeau and Bartha, 1985; Benoit, et al., 2003). A fraction of the MeHg formed 
bioaccumulates in aquatic food webs to concentrations of concern for human and wildlife health (Mergler, 
et al., 2007). Though anthropogenic emissions of Hg have decreased substantially in the US, predicting 
future concentrations of MeHg amidst changes in global Hg emissions remains a challenge (Mason, et al., 
2012; Driscoll, et al., 2013). To address this challenge, a better understanding of the factors that control net 
methylation in aquatic systems is warranted (Benoit, et al., 1999). While the ability to methylate HgII is 
restricted to specific strains of bacteria carrying the hgcA and hgcB genes, methylation is known to depend 
both on the activity and composition of the bacterial community as well as the pool of HgII available to HgII 
methylating bacteria (Jonsson, et al., 2012; King, et al., 2000; Parks, et al., 2013). 
The HgII methylation potential has been widely studied across systems, using isotopically enriched 
HgII tracers in intact sediment cores or sediment slurries (Hammerschmidt, et al., 2008; Jonsson, et al., 
2012; Benoit, et al., 1999; Hollweg, et al., 2010). The HgII methylated is assumed to be taken up from the 
dissolved pool which, in comparison to the amount of HgII methylated within a day at typically reported 
potential methylation rate constants (km) (0.01-0.12 d-1) (Hammerschmidt, et al., 2008; Hollweg, et al., 
2010; Schartup, et al., 2013; Jonsson, et al., 2012), is at least ten times smaller (a typical distribution 
coefficient between the solid and aqueous phase, KD, of 103-105) (Schartup, et al., 2013; Hollweg, et al., 
2010; Hammerschmidt, et al., 2008). Therefore, desorption and dissolution of HgII from the much more 
abundant pool of HgII present in the sediment occurs to sustain the typically observed methylation rates 
(Jonsson, et al., 2012). Hence, the speciation of HgII in both the dissolved and solid phase will influence the 
pool of HgII available to methylating bacteria. Previous work has shown that the availability for methylation 
of the adsorbed and solid forms of HgII found in sediments, differs up to two orders of magnitude, and that 
the rate of methylation was controlled by both the thermodynamic stability of the solid phase as well as the 
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kinetics of HgII desorption/dissolution (Jonsson, et al., 2012). Here, we present an examination of the 
methylation rates of isotopically enriched HgII tracers added as different solid, adsorbed and dissolved 
forms to four different sediments. Although the availability of both the adsorbed and solid forms will be 
discussed in this paper, the focus is primarily on the availability of dissolved HgII added to the sediment as 
HgII complexed with dissolved organic matter (DOM) extracted from coastal waters, or with inorganic 
ligands. 
The dissolved forms of HgII complexes first proposed to be available for methylation included 
neutrally charged sulfide complexes, which have been assumed to passively diffuse into the cell of the 
bacteria (Benoit, et al., 1999). This hypothesis was based on field data and pure culture experiments where 
the concentration of MeHg was related to the modelled concentration of neutrally charged HgII-S species 
(Benoit, et al., 1999; Hollweg, et al., 2010; Hammerschmidt and Fitzgerald, 2004). It should be noted that 
the stability constants used in the speciation models are highly uncertain (Skyllberg, 2011). More recent 
work done in pure bacterial cultures (Schaefer and Morel, 2009; Schaefer, et al., 2014) has suggested that 
low-molecular weight thiol complexes facilitate the uptake of HgII by methylating bacteria, by serving as a 
transporting shuttle for HgII to the cell wall, where HgII is then taken up by a divalent metal ion transporter 
in place of ZnII (an essential element) (Schaefer, et al., 2014). The methylation rate was found to differ 
between different Hg-thiol complexes with the highest rate observed for Hg bound to cysteine (Schaefer, 
et al., 2014). It has also been suggested that HgII-DOM complexes are more available because the DOM is 
taken up as a source of energy by the bacteria, resulting in the unintentional uptake of HgII (Chiasson-Gould, 
et al., 2014; Schaefer, et al., 2014) or alternatively that DOM may indirectly enhance the availability of HgII 
under sulfidic conditions by hindering the formation of β-HgS(s) particles large enough to reduce HgII 
availability (Graham, et al., 2012; Graham, et al., 2013). Although the different theories have been argued 
for in various pure culture studies, direct experimental support, except for DOM acting as a shuttle molecule 
for HgII to the divalent metal ion transporters, is missing (Schaefer, et al., 2014). 
One of the major challenges in studying bioavailable forms of HgII in natural samples comes from 
the multiple effects complexing agents (sulfide, thiols etc.) may have on HgII speciation and availability for 
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methylation as well as their effects on bacterial activity. Here, we have compared the methylation rate 
constant (km, d-1) determined from HgII added as chloride complexes, hereon referred to as HgII (aq) and 
HgII complexed to DOM (HgII-DOM) in four different estuarine sediments. To distinguish the effect that 
the added DOM may have on HgII availability and bacterial activity, we also examined the km of HgII (aq) 
in presence of an equal amount of simultaneously added DOM (as used to produce the HgII-DOM tracer). 
We also determined the km of HgII adsorbed onto particulate organic matter of marine origin (HgII-POM), 
and HgII precipitated with sulfide as micro or nanoparticles of metacinnabar (respectively, β-HgS(s)micro and 
β-HgS(s)nano), as well as HgII equilibrated with two previously collected sediments. 
 
3.3. Material and Methods 
3.3.1. Preparation of Hg tracers  
 
Methylation assay sets were used containing a 200Hg and a 199Hg enriched species specific HgII 
tracer, individually frozen in 15 ml falcon tubes. The isotopically enriched HgII tracers were prepared from 
200HgCl2 and 199HgCl2 (Oak Ridge National Laboratory, TN, USA) dissolved in 0.1 M HCl (diluted and pH 
neutralized before use). HgII tracers complexed to dissolved or particulate organic matter (DOM and POM) 
were prepared by pre-equilibrating 200HgII with DOM or POM for 24 h. The organic matter was extracted 
from water sampled at Eastern Long Island Sound (ELIS) using Bond Elute PPL cartridges for DOM (as 
described in the Supporting Information), and by filtering the water through a 1.0 µm plankton net, after 
which the collected particles were rinsed, freeze-dried and re-suspended in purified water for POM. Our 
experiments aimed at studying differences in the availability between different dissolved, adsorbed and 
solid HgII tracers for methylation. To complex HgII, it was thus desired to have a HgII:ligand ratio low 
enough to ensure that the binding sites to which HgII would complex under natural concentrations, are not 
saturated. At the same time, higher amounts of DOM and POM could alter the activity of Hg methylating 
bacteria and were thus avoided. For DOM, we used a HgII:ligand ratio of 1 µg HgII mg-1 DOC. A high and 
constant binding coefficient of HgII to DOM has been previously demonstrated at ratios equal to or less 
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than the ratio we used (Haitzer, et al., 2002). For POM, we used a concentration ratio of 2.4 µmol HgII g-1 
POM. This is comparable to the HgII:POM ratio used in previous work by Jonsson et al. (2012). For all sets 
containing DOM and POM, controls (n=2) were prepared where a 200HgII(aq) tracer and a DOM or POM 
slurry were individually frozen in the assay tubes. These controls were used to test if added amounts of 
DOM or POM increased HgII methylation when not complexed to added HgII tracer by e.g. altering the 
activity of HgII methylating bacteria.  
Synthesis of β-200HgS(s)micro and β-199HgS(s)nano tracers was done under low O2 conditions (using a 
N2 flushed glove bag) by adding 1.3 µmoles of dissolved sulfide to equimolar concentrations of 200HgII and 
199HgII dissolved in purified water or in purified water with 1.3 mg of DOC extracted from ELIS, 
respectively. All solutions were prepared in purified water degassed by boiling while purging with N2 for 
20 minutes. The Na2S stock solution was prepared by dissolving 10 g of washed and dried sodium sulfide 
crystals in 5 ml of degassed water and standardized using an ion-selective electrode (Orion) and titrating 
with 0.1M Pb(NO3)2. The particles were aged for 3 days before the slurries were diluted and individually 
frozen in the assay tubes. Controls for β-199HgS(s)nano assays were prepared containing the β-199HgS(s)nano 
and the 200HgII(aq) tracers, also individually frozen. Formation of nanoparticles was confirmed by 
transmission electron microscopy (TEM, Fig. S1). Details for the preparation and analysis of TEM samples 
are given in the Supporting Information.  
Additional sets of tracers, (HgII-LOCsediment and HgII-HOCsediment), were prepared where 200HgII was 
pre-equilibrated in the dark for 24 h with freeze-dried sediments, of low and high organic carbon content, 
previously collected from two of the sites (Barn Island LOC and HOC) in 2013. The characteristics of the 
freeze-dried sediments are presented in Table S1. The ratio of HgII to sediment in all the tracers was 7 and 
35 nmol HgII g-1 d.w Barn Island LOC and HOC sediment, respectively. All the tracers were frozen 
individually. A conceptual diagram with the study design is presented in Fig. 1. 
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Fig. 1. Illustration of the experimental design. Starting from the top, the illustration shows the 
complexing agents used to synthesize the different HgII tracers utilized in this study. To prepare HgII-POM, 
HgII-DOM, HgII-HOCsediment and HgII-LOCsediment, the isotopically enriched HgII(aq) tracer was equilibrated 
for 24 h (gray field) with the complexing agent. For the case of HgS(s) particles, β-HgS(s)micro was formed 
when S2- was added to the HgII(aq) tracer while β-HgS(s)nano was formed when DOM followed by S2- were 
added to the HgII (aq) tracer.  Both particles were aged for 3 days (pink field). The synthesized tracers were 
then added to four different sediment slurries and incubated for 0 h and 12 h. Finally, the methylation rate 
constant (km) was calculated using the formula shown in the bottom of the illustration. Dashed lines 
represent control experiments where km of HgII(aq) was quantified in presence of POM, DOM or β-
HgS(s)nano (by the simultaneous addition of HgII(aq) with POM, DOM or β-HgS(s)nano to sediment slurries). 
If methylation was not different from the km of HgII(aq) when added without DOM, POM or β-HgS(s)nano, 
we conclude that the complexing agent did not impact the rate of methylation by e.g. altering the activity 
of HgII methylating bacteria. 
 
3.3.2. Sediment Sampling and Methylation Assays  
 
Sediments from Barn Island (site 1) and Goshen Cove (site 2), Connecticut, USA, were manually 
collected using acid cleaned polycarbonate core samplers, (diameter of 4.8 cm) from two subsites at each 
location during low tide in August 2015 (Fig. S2). The top 4 cm of multiple sediment cores was pooled and 
manually homogenized under low oxygen conditions using a N2 flushed glove bag. Tubes with prepared 
HgII tracers (n=3 per set) were brought to room temperature and while thawing, ̴10 g of sediment slurry was 
added and mixed with the tracer using a vortex. The concentration of HgII added to the sediment with the 
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tracer, and the tracer to ambient Hg ratio is given in Table S2. Samples were incubated for 0 and 12 h (t=0 
and t=12, respectively) in a water bath at ambient temperature (±2°C) before the incubation was terminated 
by flash freezing on dry ice. To verify that steady state in methylation and demethylation was not reached 
during the course of the 12 h incubations, a subset of experiments with the HgII(aq) tracer were also 
incubated for 4 h and 24 h. All methylation assays were conducted on the day of sampling. The ambient 
temperature of the overlying water at the time of sampling is presented in the Supporting Information, Table 
S3. All samples were then stored frozen before being freeze-dried. Me201Hg(aq) was added as an internal 
standard to 0.5-2 g of the sediment and equilibrated for 1 h (in dark) before MeHg was double extracted 
into purified water using CuSO4/KBr/H2SO4 followed by CH2Cl2 (Lambertsson, et al., 2001). The isotopic 
composition of extracted MeHg was analyzed by direct ethylation with NaB(C2H5)4, purged and trapped on 
Carbotrap columns followed by thermal desorption and gas chromatograpy inductively coupled plasma 
mass spectrometry (GC-ICPMS) as described elsewhere (Hollweg, et al., 2009). Signal deconvolution was 
performed on mass bias corrected signals (Hintelmann, et al., 2000; Heyes, et al., 2006) and the methylation 
rate constant (km, d-1,) was calculated in t=12 h samples after correcting for the MeHg concentration detected 
in t=0 h samples (km (d-1) = Δ[MeHg] · ([HgII]t0 · t(d))-1). The concentration of 200HgII(aq) and 199HgII(aq) 
stock solutions used to prepare the different tracers as well as the Me201Hg(aq) used as an internal standard, 
were determined by reversed isotope dilution using solutions of ambient HgII(aq) and MeHg(aq) with 
known concentrations (diluted from 1000 ppm stock solutions, Alfa Aeser). Methodology for calculating 
the limit of detection (LOD, Table S4) is described in the Supporting Information. Statistical data treatment 
was conducted on log transformed km values using SPSS software (IBM® SPSS). Differences in km values 
was tested using two-way ANOVA and if the null-hypothesis was rejected (p<0.05) groups statistically 
differing were identified using Tukey’s post hoc analysis. Normal distribution of the data was verified using 
the Shapiro-Wilk test. 
Ancillary parameters (concentration of total Hg and loss on ignition in sediments collected, and the 
concentration of total Hg, MeHg, sulfide and organic carbon (DOC) and fluorescence excitation and 
emission matrices in sediment pore water) were determined as described in the Supporting Information. 
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The chemical speciation of HgII in the pore water was also calculated as described in the Supporting 
Information. 
 
3.4. Results 
 
The concentrations of total Hg (HgT) and MeHg in sediment and sediment pore water (Table 1, 
Table S5) collected in the four estuarine locations are within the range typically reported from sites without 
local point source Hg pollution (Balcom, et al., 2015). Loss on ignition (LOI, Table 1), here used as a proxy 
for organic matter content (Schartup, et al., 2013), was 15-17 % for two of the sediments (“HOC 1” and 
“HOC 2”) and   ̴2% for the two more sandy sediments (“LOC 1” and “LOC 2”). 
The potential methylation rate constant, km, was calculated assuming pseudo-first-order reaction 
kinetics (Hintelmann, et al., 2000). To correctly determine km, a linear increase in the amount of MeHg 
formed from the added HgII tracer is required during the incubation period. Incubation experiments 
conducted for up to 24 h showed this was true within the first 12 h of the incubations for all sediments, 
except for HOC 2 (Fig. S3). Though the lack of linearity suggests that the system was approaching steady 
state, the km and the fraction methylated after steady state has been reached (i.e. stable MeHg/HgII) have 
both been shown useful for comparing differences in availability of HgII(aq) and solid or adsorbed HgII 
tracers (Jonsson, et al., 2012). In this paper, we use km calculated from 12 h long incubation experiments, 
even if we recognize that the calculated value may slightly underestimate the true km of added HgII tracers 
in HOC 2 sediment.  
The km of HgII pre-equilibrated for 24 h with POM of marine origin (HgII-POM) was not different 
than the km of the HgII(aq) tracer in all sediments (Fig. 2a and b, ANOVA, p>0.05). Methylation of HgII(aq) 
tracer with an equal amount of POM added, as used to synthesize the HgII-POM tracer, (HgII (aq) + POM), 
was also not different from the km of HgII(aq) tracer in samples with no additional POM added (ANOVA, 
p>0.05).  
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Metacinnabar (β-HgS(s)) tracers were synthesized by precipitation of equimolar amounts of 
isotopically labelled HgII and S2- with and without the presence of DOM. In the absence of DOM, β-HgS(s) 
precipitated instantly and was assumed, based on previous studies (Jonsson, et al., 2012), to consist of 
smaller particles (ca 100-200 nm in diameter) aggregated into micrometer sized clusters (β-HgS(s)micro). In 
the presence of DOM, monodispersed β-HgS(s) particles with a diameter of 4.9 ± 1.2 nm were formed (β-
HgS(s)nano) (Fig. S1). The methylation of HgII tracer added as β-HgS(s)micro was below the LOD in all the 
sediments tested and lower than the km of all other tracers tested (ANOVA following Tukey’s post hoc 
analysis, p<0.05), and at least 5-23 times lower than the methylation of HgII added as β-HgS(s)nano.  
 
 
Fig 2. Methylation rate constant determined using different HgII tracers in sediments with a) high 
organic carbon content (HOC 1 and HOC 2) and b) low organic carbon content (LOC 1 and LOC 2). 
The methylation rate constant (km, d-1; ±SD, n=3) was determined by adding HgII to sediment slurries as an 
inorganic aqueous tracer (HgII(aq), white bars), as HgII bound to particulate organic matter (HgII-POM, 
green bars), as β-HgS(s) nanoparticles (β-HgS(s)nano, gray bars), and as HgII bound to dissolved organic 
matter (HgII-DOM, blue bars). To test how POM and DOM added with the HgII-POM, β-HgS(s)nano, and 
HgII-DOM tracers affected HgII methylation rates when not complexed to the HgII substrate (by e.g. altering 
the activity of HgII methylating bacteria), control experiments were conducted. In these control experiments, 
the HgII(aq) tracer was added to the sediment slurries simultaneously with POM (squares), β-HgS(s)nano 
(circles) or DOM (triangles). For the controls, error bars show ±SD calculated from n=2. An * associated 
with any bar or symbol indicates the data < Limit of Detection (LOD) and this value is shown. 
 
The km of all tracers added was 2-8 times higher in the LOC sediments than in HOC sediments 
(Figs. 2 & 3, ANOVA p<0.05). This is consistent with the higher net methylation observed for ambient 
HgII in the LOC sediment as evident from the higher fraction (%) of Hg occurring as MeHg (Table 1). To 
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examine how binding of HgII to sediments of different organic carbon content affects the availability for 
methylation, we prepared two tracers, (HgII-LOCsediment and HgII-HOCsediment), by pre-equilibrating HgII(aq) 
for 24 h with two freeze-dried sediments of low and high organic carbon content previously collected from 
the same sites as LOC 1 and HOC 1, respectively. No significant methylation of the tracer was observed 
during the pre-equilibration time. After incubation with fresh sediment we observed similar km values 
(ANOVA, p>0.05) for the HgII-LOCsediment and HgII-HOCsediment (Fig. 3).  
 
                    
Fig 3. Methylation rate constant determined using HgII tracers added to sediment slurries (HOC 1, 
HOC 2, LOC 1 and LOC 2) as HgII bound to freeze dried sediments. The methylation rate constant (km, 
d-1; ±SD, n=3) of HgII pre-equilibrated with freeze dried sediment with low organic carbon content (HgII-
LOCsediment) is shown in light purple bars and that of HgII pre-equilibrated with freeze dried sediment with 
high organic carbon content (HgII-HOCsediment) is shown in dark purple bars. 
 
The km of HgII pre-equilibrated for 24 h with DOM of marine origin (HgII-DOM) was 2.1 times and 
2.7 times higher (ANOVA following Tukey’s post hoc test, p<0.05) than the average km of HgII(aq) in LOC 
1 and LOC 2 sediments, respectively (Fig. 2b). The average methylation of HgII-DOM tracer was also 
higher than that of HgII(aq) in HOC sediments, however, the differences were not statistically significant. 
In the LOC sediments, the methylation rate of HgII(aq) added to the sediment with the same amount of 
DOM as used to complex the HgII-DOM tracer, (HgII (aq) + DOM) was similar to observed km of HgII(aq) 
when no DOM was added (ANOVA following Tukey’s post hoc test, p>0.05). 
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3.5. Discussion 
 
3.5.1. Methylation of Hg from the Solid/Adsorbed Hg pool 
 
The similar km values observed for HgII-POM and HgII(aq) suggests similar availability for 
methylation of HgII added as complexed to marine POM or as dissolved chloride complexes (Fig. 2a and 
b). The latter tracer can be assumed to rapidly bind (within seconds) (Hintelmann and Harris, 2004; Jiang, 
et al., 2015) to easily available adsorption sites (O and N) in the sediment POM matrix, which are much 
more abundant than any pore water DOM ligands, and with time migrate to less available, but more 
thermodynamically stable, POM binding sites (reduced sulfur sites) (Jiang, et al., 2015). In contrast to our 
results, adsorption of HgII complexed to organic matter (OM) derived from a peat soil has previously been 
demonstrated to reduce the availability of HgII for methylation in a brackish water sediment (Jonsson, et 
al., 2012). For the POM used by Jonsson et al. (2012), HgII was shown to bind to the OM via a linear 
coordination to two thiol groups (Skyllberg, et al., 2006). We have no such information available for the 
specific binding of HgII to the marine POM used in this study, however a growing number of studies suggest 
that HgII bound to OM of marine origin is more labile than HgII bound to terrestrial OM (Hammerschmidt, 
et al., 2008). That we, in contrast to Jonsson et al. (2012), did not observe a lower methylation of HgII when 
added to the sediment as HgII adsorbed onto POM despite using a similar Hg to POM ratio (mol mass-1), 
may be explained by the differences in the bioavailability (i.e. desorption kinetics) between HgII bound to 
terrestrial and marine POM. This demonstrates that the type of OM present will determine if, and to what 
degree, adsorption of HgII to OM affects its availability for methylation. 
The lower availability of HgII for methylation when added to the sediment as β-HgS(s)micro has 
previously been shown (Jonsson, et al., 2012; Zhang, et al., 2014) and is expected due to the higher 
thermodynamic stability of β-HgS(s) in comparison to e.g. HgII bound to POM or other complexes. The 
similar availability of β-HgS(s)nano and HgII(aq) tracers (ANOVA, p>0.05) in three of the four sediments 
(Fig. 2a and b) is in agreement with previous studies (Zhang, et al., 2014). As the nanoparticles are 
challenging to separate from the surrounding media, it is difficult to evaluate if all HgII has been precipitated 
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and it is possible that the nanoparticle slurry still contained dissolved or clusters of HgII and sulfide. For 
HgS(s) precipitated in the absence of DOM, previous experiments have confirmed that the HgII methylated 
originated from the particles themselves and not from HgII remaining in solution (Jonsson, et al., 2012). 
The higher availability of β-HgS(s)nano relative to β-HgS(s)micro may also be caused by a higher surface area 
of the nanoparticles which would increase the rate at which the particles dissolve to establish equilibrium, 
or by a lower presumed thermodynamic stability caused by the DOM preventing aggregation and 
continuous growth of the particles (Deonarine and Hsu-Kim, 2009). Though the thermodynamic stability 
of lab synthesized β-HgS(s) nanoparticles and the stability of them in sediment systems has not been well 
studied, recent work has shown that β-HgS(s) particles forming in presence of terrestrial DOM (Suwanee 
River and Pony Lake fulvic acid) are more structurally disordered than metacinnabar (Slowey, 2010). It 
also remains to be demonstrated if β-HgS(s) nanoparticles in sediments constitute a quantitatively important 
pool of the HgII from which MeHg is formed. Our results and previous work are however of interest since 
they demonstrate that β-HgS(s), depending on the particle size and stability, differs in its availability for 
methylation. It is reasonable to assume that the stability of β-HgS(s) precipitated under natural conditions 
in sediment pore water may be reduced due to the presence of a higher degree of impurities either 
incorporated or adsorbed onto the solid surface in comparison to β-HgS(s) precipitated in purified water. 
 
3.5.2. Methylation of Tracer and Ambient Hg in LOC vs. HOC Sediments 
Past studies have demonstrated a negative correlation between the km (or fraction of Hg occurring 
as MeHg) and the content of OM present across different estuarine sediments, and it was suggested that 
binding to sediment lowers the availability of HgII for methylation (Hammerschmidt and Fitzgerald, 2004; 
Hollweg, et al., 2010). A negative correlation between km (or % MeHg) and KD was also found in our 
sediment systems (Fig. S4). However, the activity of HgII methylating bacteria has also been coupled to the 
type of organic carbon present, where autochthonous carbon has been suggested to be a strong driver for 
HgII methylation than allochthonous carbon (Kim, et al., 2011). The similar availability of the two tracers, 
HgII-LOCsediment and HgII-HOCsediment, for methylation (Fig. 3, no significant difference between observed 
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km values, ANOVA, p>0.05) in each of the sediment slurries suggest that the binding of Hg to LOC relative 
to HOC sediment does not limit its availability for methylation. Thus, the higher methylation of HgII in 
LOC 1 & LOC 2 relative to HOC 1 & HOC 2 (as seen from the added tracers and the higher % MeHg of 
ambient HgII), is explained by the type of organic matter present for fueling the activity of HgII methylating 
bacteria (Fig. S5), rather than by differences in the binding strength of the sediments. The two HOC 
sediment samples were collected more inland (Fig. S2), and as seen from the fluorescence excitation and 
emission matrices of pore water collected from these sediments (Fig. S5), LOC sediments show a more 
intense proteinaceous fluorescence (maximum emission at a lower wavelength) and a lower humic-like 
emission (maximum emission at a higher wavelength) in comparison to the HOC sediments. Previous 
fluorescence studies in the marine environment have shown that regions of high biological activity have 
high protein concentrations and that protein-like fluorescence is a proxy for labile DOM (Yamashita and 
Tanoue, 2003; Mayer, et al., 1999; Para, et al., 2010; Mopper and Schultz, 1993).  
 
3.5.3. Methylation of Hg Complexed to DOM  
In the two LOC sediments, the average km of HgII-DOM was 2.1-2.7 times higher in comparison to 
the average km of the HgII(aq) tracer (Fig. 2b). The methylation rate of HgII(aq) added to the sediment with 
the same amount of DOM as used to complex the HgII-DOM tracer, (HgII (aq) + DOM) was however not 
higher, showing that the increased DOC concentration of 8-15% from the added tracer in these sediments 
(Fig. S6) did not have an apparent effect on HgII methylation (by e.g. altering the activity of HgII methylating 
bacteria).  This is further supported by the lack of proteinaceous fluorescence, suggested to be a proxy for 
labile DOM (Yamashita and Tanoue, 2003; Mopper and Schultz, 1993; Para, et al., 2010), as seen in the 
EEM recorded for the extracted DOM used in our experiments (Fig. S7). The similar methylation rates 
observed for the HgII(aq) tracer when added to the sediment with and without the simultaneous addition of 
DOM, also demonstrates that the DOM added did not increase the availability of HgII by increasing the 
fraction of HgII occurring in the dissolved phase (Waples, et al., 2005; Miller, et al., 2007; Slowey, 2010; 
Deonarine and Hsu-Kim, 2009). The higher observed km of HgII-DOM in comparison to HgII(aq), thus 
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indicates a higher availability of added HgII-DOM complexes for methylation. This enhanced availability 
is not apparent in HOC 1 and HOC 2 possibly because here, mercury methylation is limited by bacterial 
uptake rather than the bioavailability of Hg complexes. Since the HOC sediment slurries have lower 
bacterial activity as implied by the lower fraction of autochthonous organic matter present in pore water 
samples (Fig. S5), mercury uptake by methylating bacteria likely occurs much slower than the combined 
process of Hg desorption from the solid phase and conversion to a bioavailable complex, (as described in 
Fig. 4). As such, we find no statistical difference between the availability of HgII(aq) and HgII-DOM in the 
HOC sediment slurries. Zhang and coworkers observed a similar phenomenon for tracers added to 
sediments with high and low bacterial activity (Zhang, et al., 2014). Although the higher methylation rate 
of HgII complexed to low molecular weight thiols and natural DOM has been previously demonstrated in 
pure bacteria cultures, our study is the first demonstrating this in natural samples. 
 
 
 
Fig. 4. Conceptual model of the availability of added tracers (HgII(aq), HgII-DOM, HgII-POM, β-
HgS(s)) in marine sediments. The arrows represent; adsorption (solid lines), dissolution/desorption and 
formation of bioavailable HgII complexes (dotted lines) and uptake and methylation of HgII (dashed lines). 
 
Below we discuss the enhanced availability of our HgII-DOM tracer based on the assumption that 
the adsorption of HgII(aq) to the sediment occurs faster than the formation and uptake of bioavailable 
complexes (presumably dissolved) into HgII methylating bacteria. In more traditional methylation assays, 
where HgII(aq) is used as the methylation tracer, the HgII(aq) added is assumed to quickly partition to easily 
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available binding sites in the sediment (Hintelmann, et al., 2000; Hintelmann and Harris, 2004; Jiang, et 
al., 2015) and with time migrate to less available and more stable binding sites thereby adopting an overall 
binding strength resembling that of ambient Hg (Hintelmann, et al., 2000; Jonsson, et al., 2012). If our 
assumption was incorrect, a rapid increase in the concentration of MeHg formed from the HgII(aq) tracer 
would be expected within the first minutes of such incubation experiments. However, the concentration of 
the methylated tracer in “t=0” samples (which, in reality represents a time of incubation of up to a few 
minutes, depending on the method of termination used), is typically very low when compared to the 
concentration of MeHg formed in samples incubated for hours (Jonsson, et al., 2012). This was also true in 
our LOC sediments (Fig. S3), thus justifying our assumption that the adsorption of HgII(aq) to binding sites 
in the sediment (predominantly surface sites on the POM present) is faster than the formation and uptake 
of bioavailable HgII complexes. We thus argue that the binding sites to which HgII(aq) first adsorbs to, will 
also rapidly bind any HgII released by another tracer (e.g. HgII-DOM), before the released HgII is 
transformed to a bioavailable form and taken up by the bacteria. The readily available and abundant binding 
sites on POM in the sediment thus act as a buffer, regulating the dissolved concentration of HgII that can be 
transformed to a bioavailable form.  
To explain the observed enhanced availability of HgII complexed with DOM for bacterial uptake 
and HgII methylation, we consider two main theories that have been suggested from experiments done in 
pure bacteria cultures: i) the complexation of HgII to DOM favors the formation of smaller β-HgS(s) 
particles whereas Hg(aq) precipitates as larger, and less available β-HgS(s) particles and ii) HgII-DOM 
complexes are directly available for uptake by HgII methylating bacteria.  We argue that the latter is the 
more likely explanation of the enhanced availability of added HgII-DOM tracer in our sediment systems. 
The formation of smaller, less stable, β-HgS(s) particles from HgII complexed to DOM has 
previously been used to explain the enhanced methylation of HgII(aq) in pure bacterial cultures under low 
sulfide conditions (≤ 30 µM) in the presence of various DOM isolates obtained from fresh water and marine 
environments (Graham, et al., 2012; Graham, et al., 2013). Indeed, we observed a higher availability for 
methylation of the nano-sized β-HgS(s) particles (β-HgS(s)nano) compared to the larger ones (β-HgS(s)micro) 
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(Table S6, ANOVA following Tukey’s post hoc test, p<0.05). However, as binding to POM would also be 
expected to partly prevent the precipitation of β-HgS(s), it can be argued that the km obtained for added 
HgII(aq) should have been lower than the km of β-HgS(s)nano and HgII-POM. As previously discussed, this 
was not the case in our experiments. Additionally, our speciation calculations, described in the Supporting 
Information, do not predict the precipitation of β-HgS(s) at the sulfide, DOM and HgII levels present in our 
sediment pore waters. We thus argue that the enhanced availability of HgII-DOM was not due to formation 
of smaller sized and less stable β-HgS(s) particles.  
Instead, we posit that a fraction of the HgII added as HgII-DOM complexes, was directly available 
for uptake by HgII methylating bacteria (Fig. 4). The DOM could either be acting as a shuttle for the HgII 
to divalent metal ion transporters within the cell wall of the bacteria, or be taken up into the cell as a HgII-
DOM complex. Both these processes have previously been suggested from studies done in pure bacterial 
cultures (Schaefer, et al., 2014; Chiasson-Gould, et al., 2014). Chiasson-Gould et al. (2014) further found 
that the equilibration time of HgII with riverine humic and fulvic acid isolates changed the availability of 
HgII for uptake into an E. coli strain. The difference observed was suggested to be from the transfer of HgII 
during equilibration, from labile, bio accessible and/or weaker sites on the DOM to stronger sites on 
refractory and inaccessible macromolecules. In a similar way, Schartup et al. (2015) found enhanced 
availability of HgII complexed to marine DOM (extracted from New England shelf waters and similar to 
the ELIS DOM used in our experiments) in comparison to HgII complexed to, presumably less bioavailable, 
riverine DOM. The mechanism involving DOM as a shuttle molecule, has been proposed by Schaefer et al. 
(2014) who found that the methylation of HgII by Geobacter sulfurreducens was fifty times higher in the 
presence of cysteine, or when sulfide was added with/without cysteine (Schaefer and Morel, 2009). The 
molecular configuration of the Hg(Cysteine)2 complex was proposed to allow for ligand exchange with 
metal transporting sites on the cell wall of the bacteria (Schaefer and Morel, 2009; Schaefer, et al., 2014). 
This mechanism was supported by the addition of ZnII and CdII inhibiting uptake and methylation of HgII 
(Schaefer, et al., 2014). Though the concentration of cysteine was not determined in our DOM samples, 
nM levels of low molecular weight thiols have been detected in Long Island Sound waters and other coastal 
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systems (Hu, et al., 2006; Ndu, 2011). Whether the HgII-DOM complexes were taken up by the bacteria or 
DOM acted as a transporter for HgII to the cell wall of the bacteria cannot be elucidated from this study. It 
is possible that these two processes are occurring simultaneously.  
 
3.6. Conclusions and Environmental Implications 
Although several forms of HgII have been suggested to be available to HgII methylating bacteria, 
based primarily on pure bacterial culture studies, the form of HgII taken up (i.e. either as the free ion or a 
complex) and methylated in natural systems remains unknown. Such information is needed in order to fully 
evaluate the biogeochemical cycle of Hg in sediments and to identify factors limiting the net methylation 
of HgII. Our results, showing enhanced availability of HgII added as complexed to DOM of marine origin, 
suggest some HgII-DOM complexes are part of the dissolved HgII pool taken up and methylated by bacteria 
in sediments. As previously demonstrated (Jonsson, et al., 2012) and as shown here, the speciation of HgII 
in the solid phase is also an important factor controlling the net methylation of HgII present. Indeed, the 
fraction of HgII(aq) methylated in our sediments was 60-100 times higher than the pool of added tracer 
expected to be present in the sediment pore water at equilibrium (based on the measured partition 
coefficients), demonstrating that the dissolved bioavailable pool of HgII was readily resupplied from the 
adsorbed/solid phase during the course of the 12 h experiments. This may also suggest that the pool of 
ligands available to form bioavailable HgII complexes exceeds the dissolved pool of HgII in the pore water, 
assuming the ligands are also taken up by the bacteria. Whether the size of the pool of these ligands could 
be a potential factor limiting net methylation of HgII remains unclear as the specific forms bioavailable are 
still largely unknown. The relatively low concentration of individual HgII-DOM complexes makes them 
analytically challenging to determine, however emerging analytical techniques (Liem-Nguyen, et al., 2015), 
and a better understanding of the DOM pools available and HgII-DOM complexes being formed in natural 
environments could provide further insights in the near future. Our study emphasizes the power of using 
species/chemical specific forms of isotopically enriched HgII tracers to study which DOM complexes of 
HgII, are directly bioavailable to HgII methylating bacteria in natural systems.  
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In our work, we show that HgII added to sediment slurries as HgII equilibrated with freeze-dried 
sediments of different organic matter content, total sulfur and % autochthonous carbon (HgII-LOCsediment 
and HgII-HOCsediment) were similar in their availability to the methylating bacteria in each of our four 
systems. Our results question the hypothesis that OM controls the methylation by controlling the amount 
of HgII in the dissolved phase. As allochthonous carbon is both suggested to bind HgII more strongly and 
be less available as a carbon source to HgII methylating bacteria, the KD and bacterial activity can be 
expected to co-vary, and thus differences in bacterial activity could possibly also explain differences in 
methylation rates observed among sites where a correlation has been found between KD and km. In line with 
the earlier proposed hypothesis, that organic matter would control km by controlling the dissolved pool, 
eutrophication in estuaries has been suggested to limit the net production of MeHg. The opposite would 
however be expected if a surge in nutrient loading to estuaries would increase the bacterial activity via an 
increase in deposits of autochthonous carbon to the sediment (following a rise in primary production). It is 
evident from our study, as well as previous work (Jonsson, et al., 2012; Zhang, et al., 2014; King, et al., 
2000), that both bacterial activity and speciation of HgII in the adsorbed/solid phase influences the net 
methylation of Hg in sediments. It has been suggested that there may be a threshold of bacterial activity, 
beyond which HgII methylation is controlled mostly by the bioavailability of the HgII species (Kucharzyk, 
et al., 2015). Our work indicates that HgII bound to OM would not result in conditions where the methylation 
is entirely controlled by the speciation.  Our results also suggest that the higher methylation rates recoded 
in off shore sediments relative to estuarine sediments (Hollweg, et al., 2010) may be due to a higher 
proportion of in situ derived organic matter load to the sediment in these locations. It is clear from this 
research that predicting future changes in MeHg concentrations across estuaries with climate change and 
changing system eutrophication, requires a holistic approach aimed at examining the factors that affect both 
HgII bioavailability to methylating bacteria and the bacterial methylating activity. 
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3.7. Supplementary Information 
Dissolved organic matter (DOM) extraction. Marine DOM was extracted using solid phase extraction 
techniques following the procedure described by Dittmar et al. (2008). Seawater collected from Eastern 
Long Island Sound (ELIS) was filtered sequentially through a 0.45 µm Meissner cartridge filter and a 0.2 
µm glass fiber filter (both pre-rinsed with 0.01 M HCl, > 1 L of ultrapure UV treated water and 1 L of 
sample water). The filtered seawater was then acidified to pH 2 to increase the extraction efficiency before 
loading it onto a modified benzene styrene polymer cartridge (pre-rinsed with 6 ml of methanol and 1 L of 
ultrapure UV treated water) at a rate of < 4ml/min.  The cartridge was then rinsed with 40 ml of 0.01 M 
HCl and dried with Argon gas before the DOM was eluted with methanol followed by acetone. The DOM 
extract was dried using a Nitrogen evaporator (N-EVAP 111) at 40ᵒC and re-dissolved in purified water. 
The dissolved organic carbon (DOC) concentration was determined in an aliquot of the re-dissolved DOM. 
Transmission electron microscopy (TEM). Samples for TEM were prepared by swirling the TEM grid 
in the nanoparticle suspension on and off for one hour and then rinsing the DOM from the grid by depositing 
5 µL aliquots of ultrapure water a number of times and wicking excess water with a kimwipe. TEM images 
were captured using FEI –Talos high resolution microscope operated at an accelerating voltage of 200 KV. 
The size of the nanoparticles was determined to be 4.9 ± 1.2 nm (Fig. S1). All the particles displayed highly 
crystalline nature with clear lattice fringes as shown in the inset of Fig. S1. The lattice spacing of 0.356 nm 
corresponds to the (111) planes of Metacinnabar - HgS (ICDD No: 00-002-0439).  
Calculating the limit of detection (LOD). As previously discussed by Jonsson et al. (2014) the 
concentration of added tracers in experimental systems with multiple tracers added are measured 
superimposed on a background from ambient Hg and smaller fraction of the other isotopically enriched Hg 
tracers (since these are not 100 % enriched in one single isotope). We thus calculated the LOD for the 
concentration of MeHg detected from each tracer and ambient Hg in each sample, as the concentration of 
MeHg that corresponds to 4.8% of the total intensity of the measured signal of the corresponding isotope. 
With the exception of the amount of MeHg determined from the β-HgS(s)micro and β-HgS(s)nano methylated 
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in the LOC 1 and HOC 2 sediment samples, the concentration of MeHg formed from all tracers in all 
samples (t > 0 h) were above the calculated LOD. The signal contribution of the MeHg from HgII tracers in 
the remaining samples were on average 60±20% of the total signal intensity of enriched isotope measured 
by the ICPMS.  
To assure the km calculated from samples incubated for 12 h were truly reflecting HgII methylation, we 
further compared the fraction methylated in t=12 h samples with the fraction methylated in samples 
terminated by flash freezing immediately after mixing the sediment and tracer (t=0 h samples). Using the 
concentration of MeHg found in the t=0 h samples for each sediment (n=1 per site and assay) and the 
relative standard deviation (RSD) of the fraction of the tracer ‘methylated’ in these (in total 4) samples, we 
calculated the LOD for the km in each site as ‘the fraction methylated in t = 0h x 2 RSD. The calculated 
LOD for km values are given in Table S4.  
Ancillary parameters. The concentration of total mercury (HgT) and organic matter (%LOI) were 
determined on freeze-dried and homogenized un-spiked sediment slurries, using a direct mercury analyzer 
(DMA-80) and baking the sediment overnight at 550 °C, respectively (Balcom, et al., 2015). Pore water 
was extracted in a N2 filled glove bag from the top 4 cm sections of bulk sediment cores using direct vacuum 
filtration with 0.2-μm Nalgene filter units. The concentration of HgT and MeHg was determined in collected 
pore water as described elsewhere (Balcom, et al., 2015). Dissolved sulfide was determined using an ion-
selective electrode (Orion) in pore water preserved with sulfide antioxidant buffer (Brouwer and Murphy, 
1994). Samples for dissolved organic carbon (DOC) analysis were preserved by freezing and were analyzed 
using a Shimadzu TOC analyzer (TOC-VCPN).   
Fluorescence measurements. Fluorescence spectroscopy was performed on pore water samples using a 
Hitachi F2000 fluorometer with 1 cm quartz cell. All samples were first diluted using UV oxidized purified 
water to an absorption of < 0.05 cm-1 at 220 nm so as to reduce inner filter effects (Burdige, et al., 2004). 
Excitation and emission matrices (EEM) for samples and blanks were obtained by varying λex every 5 nm 
starting from 220 to 450 nm and recording emissions every 1 nm from 230 to 700 nm. The intensity of the 
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blank EEM was subtracted from the sample EEM and corrected fluorescence intensities were normalized 
to the water Raman peak area determined daily at λex of 350 nm and λem of 371-428nm (Lawaetz and 
Stedmon, 2009). To remove Raman and Rayleigh scattering, we included fluorescence signals starting 40 
nm beyond λex up to where second order Rayleigh scattering occurs, at 2 times λex. 
Thermodynamic modelling of dissolved inorganic mercury species. To determine the potential for β- 
HgS(s) precipitation in our sediment systems, we modelled the speciation of HgII in the dissolved phase. In 
our model, we included the measured concentration of HgII, dissolved sulfide, pH and salinity, and 
estimated the concentration of thiols based on the measured pore water DOC concentration (Hollweg, et 
al., 2010). The thermodynamic constants used in the modelling are presented in Table S7 and were adjusted 
to the ionic strength of seawater. In all sediment systems studied, the reaction quotient (Q) was lower than 
the solubility product of HgS(s), indicating that precipitation of Hg as β- HgS(s) will not occur at the 
conditions specified. 
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Supplementary Figures 
 
Fig. S1. Transmission electron microscopy (TEM) images of HgS(s) nanoparticles precipitated for 3 days 
in purified water containing 1.3 µmoles of HgII, 1.3 µmoles of S2-, and 1.3 mg of marine derived dissolved 
organic carbon (DOC). 
  
    
Fig. S2. Map showing the sampling locations in Barn Island and Goshen Cove, CT, USA (maps are from 
Google Earth). 
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Fig. S3. Concentration of MeHg (pmol g-1 d.w., ±SE, n=3) formed as a function of incubation time (up to 
12 h shown as black circles, t=24 h shown as gray circles) from added 200HgII(aq) tracer in the four 
different sediments; (a) HOC 1, (b) HOC 2, (c) LOC 1, and (d) LOC 2. The linear regression line was 
fitted for data up to 12 h. 
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Fig. S4. Relation between the partitioning coefficient (KD) for Hg (x-axis) and (a) the methylation rate 
constant (km, d-1, ±SD, n=3) for HgII(aq) (white squares), HgII-POM (black circles) and HgII-DOM (black 
triangles) tracers, and (b) fraction ambient MeHg (% of HgT, ±SD, n=45).  
 
     
        
Fig. S5. Excitation and emission matrices (EEM) of colored dissolved organic matter in pore water 
samples collected from (a) HOC 1, (b) HOC 2, (c) LOC 1 and (d) LOC 2. Fluorescence intensities are 
given in Raman Units (R.U). Proteinaceous fluorescence occurs in the region where tyrosine and 
tryptophan emit light (λem 300-350 following two excitations at λex 220 nm and 270 nm) (Para, et al., 
2010; Yamashita and Tanoue, 2003; Coble, et al., 1990).  
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Fig. S6. Amount of DOC (μmol) in sediment assays containing the DOM originating from ambient DOM 
(black bar) and from the added HgII-DOM tracer (gray bar). 
 
 
Fig. S7. Excitation and emission matrices (EEM) of colored dissolved organic matter extracted from 
Eastern Long Island Sound (used to synthesize the HgII-DOM tracer). Fluorescence intensities are given in 
Raman Units (R.U). 
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Supplementary Tables 
Table S1: Average (±SD) concentration of total Hg (HgT), MeHg, organic carbon (measured as the loss 
on ignition, %) and total sulfur of freeze-dried sediments collected in 2013 from Barn Island high and low 
organic carbon sites (BI_HOC and BI_LOC). The two sediments were used to prepare the HgII-HOCsediment 
and HgII-LOCsediment tracers, respectively. 
Freeze-dried 
Sediment HgT (nmol/g) MeHg (pmol/g) % LOI TS (mmol/g) 
BI_HOC 0.34 (0.077) 0.54 (0.33) 17 (4.8) 0.43 (0.022) 
BI_LOC 0.030 (0.017) 0.79(0.39) 1.3 (0.36) 0.02 (0.004) 
 
 
Table S2: Average concentration of HgII tracers added (nmol HgII g-1 d.w.) to sampled sediments (HOC 1, 
HOC 2, LOC 1 and LOC 2). Percent increase of ambient HgT concentration due to the tracer addition is 
given in parenthesis. 
Sediment HgII(aq) HgII -POM β-HgS(s)micro β-HgS(s)nano HgII -DOM 
HOC 1 0.083 (27%) 0.41 (140%) 1.53 (510%) 0.53 (180%) 0.069 (23%) 
HOC 2 0.065 (7%) 0.32 (37%) 1.26 (140%) 0.44 (50%) 0.051 (6%) 
LOC 1 0.0092 (18%) 0.048 (94%) 0.17 (330%) 0.058 (110%) 0.0089 (17%) 
LOC 2 0.011 (26%) 0.053 (130%) 0.18 (420%) 0.062 (150%) 0.0084 (20%) 
 
 
Table S3: Temperature of overlying water (°C) at time of sampling. 
Sediment Slurry Temperature (°C) 
HOC 1 27.9 
HOC 2 26.5 
LOC 1 24.0 
LOC 2 26.3 
 
 
Table S4: Calculated limit of detection (LOD) for km (d-1) of the different tracers used. 
Sediment HgII(aq) HgII-POM HgII-DOM HgII-LOCsediment HgII-HOCsediment 
HOC 1 0.00096 0.00051 0.0012 0.00084 0.0021 
HOC 2 0.0058 0.00054 0.0011 0.0016 0.0027 
LOC 1 0.0029 0.00035 0.0016 - 0.0062 
LOC 2 0.0051 0.00078 0.0025 0.0036 0.0081 
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Table S5: Average (±SD) concentration of HgT (pM), MeHg (pM), sulfide (µM) and DOC (µM) in 
sediment pore water collected from HOC 1, HOC 2, LOC 1 and LOC 2 sites.  
 
 
 
Sediment HgT  (pM) MeHg (pM) % MeHg Sulfide (µM) DOC (µM) 
HOC 1 7.4 (2.4) 1.4 (1.5) 20 (19) 8.9 (14) 700 (250) 
HOC 2 5.1 (1.5) 0.73(0.55) 17 (15) 0.26 (0.11) 700 (230) 
LOC 1 10 (6.7) 0.87 (0.2) 12 (9) 0.37 (0.24) 2500 
LOC 2 31 (6) 1.8 6 1.4 (1.6) 3100 (3800) 
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Table S6: The km (d-1) values determined for the different tracers in the four sediments investigated (HOC 1, HOC 2, LOC 1 and LOC 2) 
 HgII(aq) HgII-POM 
HgII(aq)  + 
POM 
β-HgS 
(s)micro 
β-HgS 
(s)nano 
HgII (aq)  
+ 
β-HgS 
(s)nano HgII-DOM 
HgII (aq)  
+ DOM 
HgII -
LOCsediment 
HgII -
HOCsediment 
HOC 1 0.0023 0.0041 0.0050 <0.00097 0.0071 0.0024 0.0077 0.0037 0.0028 0.0024 
 0.0037 0.0035 0.0040 <0.00026 0.0019 0.0019 0.0064 0.0031 0.0031 0.0025 
 0.0032 0.0049  <0.0011 0.0028  0.0076  0.0030 0.0025 
HOC 2 0.00071 0.0018 <0.0058 <0.00029 <0.0058 <0.0058 0.0058 0.0063 0.0039 0.0056 
 0.0010 0.0015 <0.0058 <0.00015 <0.0058 <0.0058 0.0088 0.0079 0.0036 0.010 
 0.0059 0.0021  <0.00031 <0.0058  n.a.  0.0038 n.a. 
LOC 1 0.024 0.012 0.019 <0.00012 <0.0029 <0.0029 0.037 0.023 0.011 0.016 
 0.020 0.0092 0.024 <0.00019 <0.0029 <0.0029 0.065 0.011 0.0096 0.012 
 0.027 0.017  <0.000099 <0.0029  0.050  0.0058 0.019 
LOC 2 0.0085 0.017 0.024 <0.0021 0.011 0.0051 0.053 0.032 0.025 0.019 
 0.013 0.022 0.023 <0.0022 0.016 0.0072 0.053 0.024 0.040 0.019 
 0.039 0.022  <0.0012 0.0085  0.060  0.024 0.012 
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Table S7: Thermodynamic stability constants used for speciation modelling of HgII complexes in 
sediment pore water.(Drott, et al., 2013; Skyllberg, 2008; Stumm and Morgan, 1996)  
Reaction log K Reference 
Hg2+ + Cl-  = HgCl+ 7.2 Stumm and Morgan (1996) 
Hg2+ + 2Cl- = Hg(Cl)20 14 Stumm and Morgan (1996) 
Hg2+ + 3Cl- = HgCl3- 15.1 Stumm and Morgan (1996) 
Hg2+ + 4Cl- = HgCl2-4 15.4 Stumm and Morgan (1996) 
Hg2+ + 2HS− = Hg(SH)20 39.1 Drott et al. (2013) 
Hg2+ + 2HS− = HgS2H− + H+ 32.5 Drott et al. (2013) 
Hg2+ + 2HS− = HgS22− + 2H + 23.2 Drott et al. (2013) 
HgS(s) + H+ = Hg2+ + HS- -36.8 Drott et al. (2013) 
Hg2+ + 2RS-  = Hg(SR)2 42 Skyllberg et al. (2008) 
H2S = HS- + H+ 7  
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4. Dimethylmercury Formation Mediated by Inorganic and Organic Reduced Sulfur 
Species  
 
This study was published in Scientific Reports (open access) on 06/15/2016. It is reproduced here, 
with permission from the authors. 
Jonsson, S.; Mazrui, N.M.; Mason, R.P. Dimethylmercury Formation Mediated by Inorganic and Organic 
Reduced Sulfur Surfaces. Sci. Rep. 2016, 6; 10.1038/srep27958. 
 
4.1. Introduction 
 
Methylmercury (MeHg) bioaccumulates in aquatic food webs and is the main form of mercury 
found in fish (>95 %). For many fresh and marine system’s worldwide, the concentration of MeHg found 
in the top of the aquatic food web is so high that it poses a neurotoxic risk to fish eating humans and 
wildlife.1 Like HgII, MeHg has a strong affinity for reduced sulfur sites. In vivo, MeHg can form a MeHg-
L-cysteine complex, which is structurally similar to methionine.2 This structural similarity allows the 
complex to cross the blood-brain barrier and placenta through the amino acid transport system and get to 
the brain where it damages the central nervous system.2 MeHg is mostly produced in anoxic marine 
sediments though recent research suggests MeHg production can also occur in anoxic microenvironments 
within the water column.3-8 The MeHg is transported from the sediment to the water column via diffusion 
or through its association with particles, from where exposure to marine organisms occurs through particle 
ingestion, passive diffusion or active transport.9-11 
The concentration of MeHg in sediments is typically around 1 % or less of the total mercury and 
the concentrations is in principal governed by the relative rates of methylation and demethylation.9,12 
Methylation involves the conversion of HgII to MeHg and occurs during the microbial degradation of 
organic matter by sulfate and iron reducing bacteria.13-16 As such, methylation depends on the microbial 
activity and the bioavailability of HgII complexes.17,18 Less is known about demethylation than methylation, 
though it is recognized that both biotic and abiotic mechanisms occurring in aerobic and anaerobic settings 
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contribute to the demethylation process.19-23 The biotic demethylation pathway happens through oxidative 
and reductive demethylation. In oxidative demethylation, done for metabolic purposes, microorganisms 
oxidize the methyl group to CO2 and MeHg is transformed to HgII.20,24,25 Reductive demethylation on the 
other hand, occurs for detox purposes and is conducted by mercury resistant microorganisms carrying the 
mer operon genes (merA and merB). The enzyme organomercurial lyase, encoded by the merB gene breaks 
the Hg-C bond to form CH4 and HgII, while the mercury reductase, encoded by the merA gene, reduces HgII 
to Hg0.20,26-28 
The abiotic demethylation pathways known to degrade MeHg in the environment include a 
photochemical reaction mediated by reactive oxygen species and a chemical reaction between MeHg and 
H2S. During photo-degradation, MeHg is converted to HgII and this process contributes significantly to 
demethylation when light penetration is substantial.29-31 In chemical degradation, MeHg has been shown to 
react with H2S to form a white unstable intermediate known as bismethylmercury sulfide ((CH3Hg)2S), 
which degrades to dimethylmercury (DMeHg) and HgS(s).32 It has also been shown that the addition of 
MeHg to pure cultures of sulfate reducing bacteria (SRB) (Desulfovibrio desulfuricans strain LS) produced 
a white intermediate identified as (CH3Hg)2S which degraded to DMeHg and HgS(s).33 In the same study 
MeHg was spiked into fresh sediment together with pyruvate — a carbon source for SRB — and after 9 
days of incubation the concentration of DMeHg was found to be higher than in the control.33 Sulfate 
reducing bacteria oxidize organic matter (represented here as CH2O) using sulfate; converting SO42- to H2S 
as follows:  
                       2CH2O + SO42-   →   H2S + 2HCO3- (1) 
  
In their work, Baldi et. al., concluded that MeHg was unstable in presence of biologically produced H2S.33 
Similar to Baldi’s proposed reaction between MeHg and H2S, a reaction involving MeHg and (seleno) 
amino acids has been suggested to occur in vivo during the degradation of MeHg by (seleno) amino 
acids.34,35 Though the intermediate complexes, (CH3Hg)2S and (CH3Hg)2Se, expected to form from the 
reaction of MeHg with (seleno) amino acids are unstable in biological media and have not been detected in 
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vivo, presence of HgS and HgSe particles has been observed in rat plasma, liver, brain and other organs 
following administration of MeHg in the diet.34,36 As the products of the chemical/biochemical degradation 
pathways discussed above are DMeHg and HgS/HgSe(s), these pathways both methylate and demethylate 
MeHg. 
 In marine anaerobic sediments, some of the H2S produced during the oxidation of organic matter 
by sulfate reducing bacteria, reacts with metals to form metal sulfide solids, with iron sulfides being the 
most abundant.37 The precipitation of FeII by H2S occurs via the reaction described in equation 2 below; 
where m stands for mackinawite — the first iron sulfide phase to form in nature.38 
 
                                      FeII + HS-    →     FeSm (s) + H+               (2)  
 
Iron sulfides adsorb and co-precipitate with various metals during their formation.37 Mercury has a high 
affinity for particles and with a log KD (the partitioning coefficient between the solid and aqueous phase), 
of 3 – 6 and 2 – 5 L kg-1 for Hg and MeHg respectively, both species are found mostly bound to the solid 
phase.39-42 In fact, it has been shown that reduced sulfur containing solids control the partitioning of Hg and 
MeHg between the sediment and pore water.40,43,44 Thus, the association of Hg and MeHg with iron sulfide 
solids is expected and has been shown in previous studies.45 
In this work, we investigate if the reaction of MeHg adsorbed on FeSm(s) is similar to that of MeHg 
with dissolved reduced sulfur shown in previous studies.32,35 One of the products expected from the reaction 
is volatile and highly toxic DMeHg. This form of mercury is ubiquitous in the marine environment and is 
commonly found in areas of high productivity or in regions with low oxygen concentrations.3,5,7,46,47 It has 
been suggested that the biotic methylation of HgII  to DMeHg could be a source of DMeHg; however, few 
studies have explored this option and the mechanism of formation remains unknown.48,49 Unlike H2S with 
a sulfide oxidation half-life of 2 days in oxic waters, metal sulfides have much longer oxidation half-lives 
(weeks to years).50-52 For example, sub-micron pyrite (FeS2) was found to oxidize at a rate of 10-5 µM day-
1 suggesting that the iron sulfide mineral can persist in oxygenated waters for years.53 The degradation of 
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MeHg from its reaction with FeSm(s) has therefore important implications on the biogeochemistry and 
mobility of mercury in oxic and anoxic conditions. In this study, we hypothesize that: (1) the adsorption 
and subsequent degradation of MeHg on FeSm(s) will result in the production of DMeHg; (2) since the 
inorganic Hg product will precipitate faster in presence of FeSm(s) than in a solution of dissolved sulfide, 
the reaction of MeHg with FeSm(s) will produce more DMeHg than that of MeHg with dissolved reduced 
sulfur species; (3) reaction of MeHg with thiols in organic matter could lead to the production of DMeHg; 
and (4) the reaction of MeHg with FeSm(s) or thiols can occur in seawater and in presence of organic matter, 
though the complexation of MeHg to organic matter could potentially inhibit the reaction. 
 
4.2 Methodology 
 
4.2.1. Synthesis and Characterization of Metal Sulfide Particles 
 
FeSm(s), CdS(s), and HgS(s) particles were prepared under low O2 conditions in a N2 filled glove 
bag by adding 0.6 M sodium sulfide to 0.6 M (NH4)2Fe(II)(SO4)2∙6H2O, Cd(NO3)2·4H2O, and HgCl2, 
respectively. All solutions were prepared using ultra-pure water (Ω<18.2), degassed by boiling under N2 
for 20 min. Particles were allowed to age for 0, 1, and 7 days, after which they were washed at least 3 times 
then collected by centrifugation. Since the HgCl2 salt was first dissolved in 700 µl HCl, the particles were 
washed until the pH of the solution was about neutral. As the purification of the particles took almost 1 
hour to complete, particles that were washed immediately upon precipitation were actually aged for 1 h. 
The resultant slurries after centrifugation were re-suspended in a known volume of degassed utra-pure water 
and aliquots transferred to smaller vials and stored frozen at -80ᵒC until use. One vial was freeze-dried and 
used to determine the final concentration (g/g) of the FeSm(s) in the vials. The crystal structure and specific 
surface area were determined by X-ray Diffraction Crystallography (XRD) and Brunauer–Emmett–Teller 
(BET), respectively.  
 X-ray diffraction studies were conducted by Rigaku UltimaIV diffractometer with Cu K radiation 
( = 1.5418 Å) operating at a beam voltage of 40 kV and beam current of 45 mA. The patterns were acquired 
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at a scan rate of 2° min-1, from 0 to 80 degrees in the 2θ range. Brunauer-Emmett-Teller (BET) surface-
area measurements were performed using nitrogen sorption experiments conducted on a Quantochrome 
Nova 2000e instrument. All the samples were degassed for 5 h before analysis. Specific surface area was 
calculated using the adsorption isotherm within 0.05 < P/P0< 0.3 range, where P/P0 is the relative pressure. 
 
4.2.2. The Adsorption of MeHg on FeSm(s) Particles 
 
The adsorption of MeHg on FeSm(s) was investigated by adding 2.8 µmol of FeSm(s) to 0.7, 2.8 or 
11 nmol of MeHg and incubating the mixtures for various times up to 1 h. The samples were filtered through 
0.02 µm syringe filters after 0 to 60 min and the filtrate was analyzed for MeHg. The experiment was 
repeated at 10 min, 60 min, and 24 h using 0.068 nmol MeHg/µmol FeSm(s) and filtered through a 0.05 µm 
membrane filter. The filtrates were frozen immediately and analyzed within 48 h. Aliquots of the filtrates 
were diluted in ultra-pure water and the MeHg in solution was converted to methylethylmercury using 
sodium tetraethylborate (Na(C2H5)4BO4). Using the automated Tekran 2700, volatile methylethylmercury 
was bubbled from the solution, pyrolitically decomposed to Hg0 and analyzed by Cold Vapor Atomic 
Fluorescence Spectroscopy, following EPA’s method 1630.  
 
4.2.3. Reactions of MeHg with Reduced Sulfur Species 
 
The production of DMeHg from the reaction between MeHg and reduced sulfur was monitored by 
adding an aliquot of MeHg to a solution/suspension containing one of the reduced sulfur forms: precipitated 
metal sulfides (FeSm(s), CdS(s), and HgS(s)), inorganic dissolved sulfide (added as an aqueous solution of 
Na2S) and thiols (cysteine, mercaptopropionic acid, 1,2-ethanedithiol, and 1,3-propanedithiol). In each test, 
one form of reduced sulfur was reacted with MeHg and this was compared to the reaction of MeHg with 
FeSm(s) done in parallel with the test (Table 1). The MeHg was diluted from a 1000 ppm stock solution 
(Alfa Aeser) and the pH of the diluted solutions were adjusted to about 7 before use. With the exception of 
experiments done in artificial seawater and with the thiols, all other experiments were conducted in ultra-
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pure water. The dithiols were first dissolved in acetone and then diluted in ultrapure water. To account for 
the effect that acetone might have had on the experiment, and also so we can compare the fraction of MeHg 
converted to DMeHg when MeHg was reacted with the different thiols or with FeSm(s) in the thiol test 
(Table 1), an equivalent amount of acetone (4µL) was added to the monothiols and to FeSm(s) conducted 
alongside the thiols. Blank experiments were done where MeHg was added to degassed ultra-pure water 
and to the filtrate of FeSm(s) slurry. Solutions were incubated for a specified time in a sealed acid cleaned 
glass vial under anoxic conditions. The concentrations of reactants and the MeHg to reduced sulfur ratio 
(nmol/µmol) is summarized in Table 1. Experiments conducted at temperatures other than room 
temperature (0, 40, and 60°C) were done by incubating the reaction vials for 30 min in an ice or heated 
water bath maintained at the desired temperature. Since the production of DMeHg at 0ᵒC was below the 
detection limit (except when high concentrations of MeHg were used), these experiments were terminated 
by cooling all vials in ice for 30 min before analysis. We determined the detection limit for each test by 
quantifying the DMeHg in blank experiments containing equal concentrations of MeHg in the matrix of the 
test (i.e. ultra-pure water, 0.7 % by volume acetone solution or artificial seawater). The detection limit was 
calculated as average concentration of DMeHg in the blanks (n=3) ± 2 standard deviations.  
 
4.2.4. Experiments in Seawater and in Presence of Thalassiosira Weissflogii 
 
Artificial seawater was prepared according to the formula published by Kester et al.54 The solution 
was filtered through a 0.2 µm cartridge filter and degassed before use. Diatom cultures were obtained from 
the National Oceanic and Atmospheric Administration in Milford, US. A subsample of the cultures was 
sonicated to break the cells and then centrifuged at 754G to separate cellular organelles (cell wall, nuclei 
and mitochondrion) from the cytoplasm. The supernatant consisting of the cytoplasm was removed and the 
organelles re-suspended in artificial seawater. Aliquots containing whole cells, cell organelles or the 
cytoplasm were diluted in seawater before amending each with 9.6 nmol of MeHg and 2.8 µmol FeSm(s).  
 
106 
  
Table 1. Summary of experimental details. Form and amount of sulfide used to mediate the conversion 
of MeHg to DMeHg, the initial amount of MeHg and the final total volume of the aqueous solution used. 
 
Test Sulfide form MeHg MeHg:sulfide 
form 
Volume 
 name (μmol) (nmol) (nmol umol-1) (ml) 
Initial test (Table 3) FeSm(s) 5.6 2.3 0.41 1.1 
Varying MeHg (Fig. 2 
& 3) 
FeSm(s) 2.8 0.7, 2.8, 
11 
0.25, 1.0, 3.9 0.6 
Varying FeSm(s) (Fig. 
4) 
FeSm(s) 0.0028 to 280 9.6 3400 to 0.034 0.6 
FeSm(s) aging (Table 
4) 
FeSm(s) (aged 1h, 1d, 
7d) 
2.8 9.6 3.4 0.6 
Different sulfide 
minerals (Table 5) 
CdS(s) 0.93 9.6 10 0.6 
 FeSm(s) 2.0 9.6 4.8 0.6 
 HgS(s) 2.2 9.6 4.4 0.6 
pH and ionic strengh 
 (Fig. 6) 
FeSm(s) 2.8 8 2.9 0.6 
FeSm(s) and S-II(aq) 
(Fig. 7) 
FeSm(s) 2.8 12 4.3 0.6 
 S-II(aq) 2.8, 0.13, 
0.013, 0.0063 
12 4.3, 92, 920, 
1900 
0.6 
Temperature effect 
(Fig. 8) 
FeSm(s) 2.8 7.5 2.7 0.6 
 S-II(aq) 0.38 390 1000 0.6 
Test of thiols (Fig. 9) FeSm(s) 2.8 9.6 3.4 0.6 
 Cysteine 0.2 200 1000 0.6 
 3-mercaptopropionic 
acid 
0.2 200 1000 0.6 
 1,2-ethanedithiol 0.1 200 2000 0.6 
 1,3-propanedithiol 0.1 200 2000 0.6 
Artificial sea water 
and t.w. (Fig. 10) 
 
FeSm(s) 2.8 9.6 3.4 2.5 
 
 
4.2.5. Collection and Analysis of Dimethylmercury 
 
The DMeHg produced in the reaction vials was collected on a CarbotrapTM (Supelco) adsorbent via 
two methods; for experiments where the rate was quantified, solutions were stirred continuously and the 
headspace purged with argon gas at a rate of 200 mL/min. In this case, the collected gas was dried on a 
soda lime trap placed before the Carbotrap. In all other experiments, 0.1–5 mL of the headspace was 
sampled using a syringe and injected via a valve with continuous gas flow on to the adsorbent. When the 
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headspace was sampled, the total concentration of DMeHg was calculated using the Henry’s constant for 
DMeHg (0.3 at 25°C) and the relative volume of liquid and gas in the reaction vial. The DMeHg adsorbed 
on the Carbotrap was thermally desorbed and separated from other Hg species using a packed gas 
chromatographic column heated to ~70°C, then pyrolytically decomposed to elemental mercury (Hg0) and 
analyzed by Cold Vapor Atomic Fluorescence Spectroscopy, using a Tekran 2500 instrument.  
An external calibration curve was prepared daily from an isotopically enriched dilute solution of 
DMeHg synthesized in the lab using 200HgCl2 and 3 M methyl magnesium chloride as described 
elsewhere.55 Aliquots of the headspace were drawn from the vial containing the dilute solution of DMeHg, 
injected onto a Carbotrap and analyzed as described above for the samples. The concentration of DMeHg 
in the headspace was determined (standardized) daily using a calibration curve made from 10-200 µL of 
Hg0 (g) trapped on gold traps. Three types of commercially available adsorbents are commonly used for 
trapping volatile Hg species. Carbotrap is mostly suitable for DMeHg, Tenax for methylethylmercury 
(MeHg derivatized with Na(C2H5)4BO4) and a gold trap for all Hg species.46,56 Mercury is desorbed from 
Au by heating the trap to a temperature of 450-500ᵒC. During the desorption process, the Hg species are 
decomposed to Hg0 (g), thus the speciation of Hg (DMeHg, MeHg, HgII, Hg0) cannot be determined when 
Au traps are used. Since no other Hg species was detected in the headspace of the vial containing the 
isotopically enriched dilute solution of DMeHg, either when using the Carbotrap or in a gold trap placed 
after the Carbotrap; the standardization was done by collecting headspace gas aliquots of isotopically 
enriched DMeHg on gold traps. 
All the data was log transformed and tested for normality using SPSS. For normally distributed log 
transformed data, differences between sets were verified through analysis of variance and Tukey’s post-hoc 
test. For log transformed data not normally distributed, a median test and a pairwise t-test were used to 
determine statistical differences. 
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4.3. Results 
 
FeSm(s), CdS(s), or HgS(s) was precipitated on addition of an aqueous solution of Na2S to 
(NH4)2Fe(II)(SO4)2∙6H2O, Cd(NO3)2·4H2O, and HgCl2, respectively. The crystalline structures of the solids 
matched that of tetragonal mackinawite for FeSm(s), hexatetrahedral hawleyite for CdS(s), and cubic 
metacinnabar for HgS(s), when indexed to known XRD spectra in the literature (Fig.1).57,58 The FeSm(s) 
diffractogram shows broader and less intense peaks than seen for the other metal sulfides prepared here. 
The specific surface areas for FeSm(s), CdS(s), or HgS(s) precipitated with equimolar amounts of metal ion 
and S-II, were found to be 55.3, 73.9, and 19.29 m2g-1, respectively (Table 2).  
 
Table 2. Surface area of FeSm(s), CdS(s) and HgS(s). Specific surface areas of precipitated crystals 
determined using BET. 
 Specific surface area (m2 g-1) 
FeSm(s)1  34.9 
FeSm(s)2 55.3 
CdS(s)  73.9 
HgS(s) 19.29 
1) FeSm(s) batch used for all experiments except data presented in Table 5. 
2) FeSm(s) batch used for data presented in Table 5. 
 
 
 
a) 
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Fig. 1. Characterization of crystal structure. X-ray diffractograms of synthesized a) FeSm(s), b) CdS(s) 
and c) HgS(s) with diffraction patterns (red diamonds) for ordered tetragonal mackinawite, 
hexatetrahedral Hawleyite and cubic metacinnabar, respectively.57,58  
 
The reaction between MeHg and FeSm(s) resulted in the production of DMeHg. The volatile 
compound was first detected in experiments where 2.3 nmol of MeHg were added to a slurry containing 
5.6 µmol FeSm(s) in degassed ultra-pure water. During the first 20 min of reaction, 0.37 ± 0.08 pmol of 
DMeHg were formed. The formation decreased in the next two 20 min period and became 0.16 ±0.07 pmol 
at 40-60 min. (Table 3). In similar experiments where the same amount of MeHg was added to degassed 
b) 
c) 
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ultra-pure water or to the filtrate of the FeSm(s) slurry (0.02 µm filtered), the DMeHg produced was lower 
than the detection limit.  
 
Table 3. Production of DMeHg(g) from MeHg(aq) added to filtered and unfiltered FeSm(s) slurries. 
Amount of DMeHg (g) (pmol) formed from 2.3 nmol of MeHg(aq) added to 0.2 µm filtrated and unfiltered 
FeSm(s) slurries. The unfiltered FeSm(s) slurry contained 5.6 µmol FeSm(s) giving a MeHg:FeSm(s) ratio of 
0.41 (nmol umol-1). 
Sample Purging interval (min) DMeHg(g) (pmol) 
Filtrated slurry 0-20 <0.038 
FeSm(s) 0-20 0.37 ± 0.08 
 20-40 0.21 ± 0.07 
 40-60 0.16 ± 0.07 
 
 
The adsorption of MeHg on FeSm(s) was studied by adding 0.7, 2.8, and 11 nmol of MeHg to 2.8 
µmol of FeSm(s). The ratios of MeHg: FeSm(s) were chosen based on the results of our initial experiments. 
It was desired to have the concentration of MeHg as close as possible to environmental concentrations but 
high enough to produce a quantifiable amount of DMeHg. The adsorption was initially rapid with more 
than 50% of the MeHg immobilized on the FeSm(s) particles within the first 2 min (Fig. 2). This was 
followed by a gradual increase in adsorption with up to 90% of the MeHg adsorbed onto the FeSm(s) after 
1 h (Fig. 2). An additional adsorption experiment was conducted for 10 min, 60 min and 24 h at a much 
lower ratio of MeHg to FeSm(s) (0.068 nmol MeHg/µmol FeSm(s)). The adsorption followed a similar 
pattern as the previous test and after 24 h, 96% of the MeHg was immobilized on the FeSm(s) particles (Fig. 
2).  
Using results from our adsorption experiments and the surface area of the FeSm(s) particles (Fig. 2 
and Table 2), we calculated the fraction of mono coordinated sulfide sites (≡ Fe1S1-) saturated with MeHg 
at each time point in the adsorption experiment. Though the FeSm(s) surface is predominantly composed of 
both mono and tri coordinated sulfide sites, the mono coordinated sites have stronger anionic properties 
and can be expected to dominate the complexation of MeHg.38 It was thus assumed that the ≡ Fe1S1- sites, 
existing on the FeSm(s) surface at a concentration of two sites per nm2, were the main MeHg binding sites 
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present.38 When the ratio of MeHg:FeSm(s) was 3.9 nmol MeHg/µmol FeSm(s), up to 35% of the binding 
sites were saturated after 1 h of adsorption while only less than 5% were saturated after 1 h when the ratio 
was 0.25 nmol MeHg/µmol FeSm(s) (Fig. 3). 
 
                              
 
Fig. 2. Adsorption of MeHg(aq) on FeSm(s). Fraction MeHg immobilized by FeSm(s) as a function of time 
in an experiment using 0.02 μm syringe filters and MeHg:FeSm ratios (nmol µmol-1) of 3.9 (blue squares), 
1.0 (green circles) and 0.25 (black triangles) or using 0.05 μm membrane filters (bar graph) and a 
MeHg:FeSm ratio of 0.068 nmol µmol-1. 
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Fig. 3. Conversion rate of MeHg to DMeHg at different MeHg:FeSm(s) ratios.  Conversion rate of 
MeHg (fraction min-1, scatter plot, left hand axis) and percent of ≡Fe1S1- groups on the FeSm(s) surface with 
MeHg adsorbed (background area graph, right hand axis) at MeHg:FeSm(s) ratios (nmol μmol-1) of 3.9 (blue 
squares, upper blue area), 1.0 (green circles, middle green area) and 0.25 (black triangles, lower gray area). 
Conversion rates at the three MeHg:FeSm(s) ratios tested were significantly different (p<0.05, Analysis of 
Covariance). 
 
The conversion rate (methylation rate) of MeHg to DMeHg was also measured in experiments done 
in parallel to the adsorption studies and using the same three MeHg:FeSm(s) ratios (0.25, 1, and 3.9 nmol 
MeHg/µmole of FeSm(s)). Similar to the initial experiment, the conversion rate decreased with time for 
each ratio, though there was no systematic trend between the ratios and the rate of decrease (Fig. 3). It was 
also found that the rate increased with an increase in the MeHg:FeSm ratio (Fig. 3). Additional experiments 
covering a wider ratio from 0.034 to 3400 nmol MeHg/µmol of FeSm(s) were conducted. Here, the amount 
of MeHg added was held constant at 9.6 nmol while the amount of FeSm(s) was varied. We found that the 
fraction of MeHg converted to DMeHg increased with increase in the fraction of the ≡Fe1S1- sites saturated 
with MeHg up to where all the ≡ Fe1S1- sites were theoretically saturated. Beyond this theoretical saturation 
point, the fraction of MeHg converted to DMeHg reduced (Fig. 4). 
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Fig. 4. Conversion of MeHg to DMeHg at different MeHg:FeSm(s) ratios. Fraction of MeHg methylated 
at MeHg:FeSm(s) ratios (nmol μmol-1) of 3.4·10-2 to 3.4·104 and the theoretical saturation point of ≡Fe1S1- 
groups on the FeSm(s) surface (diamond). Roman numbers indicate significant differences (p<0.05). 
 
Since the crystallinity of iron sulfide solids has been shown to increase over time, the reaction of 
MeHg with FeSm(s) was examined in experiments using FeSm(s) aged for 1 h, 1 d, and 7 d.59-61 In our 
experiments, there was no statistical difference in the fraction of MeHg converted to DMeHg when MeHg 
was reacted with FeSm(s) aged for the different times (Table 4). Consistent with this, experiments using 
thermodynamically more stable metal sulfides (HgS(s) and CdS(s)) yielded a similar fraction of DMeHg 
as obtained from the reaction of MeHg with FeSm(s) (Table 5). In these latter experiments, the amount of 
FeSm(s), HgS(s), and CdS(s) used was adjusted according to their specific surface area to give a MeHg to 
metal sulfide surface ratio of 970 nmol MeHg m-2 metal sulfide surface.  
 
Table 4. Conversion of MeHg to DMeHg on FeSm(s) of different age. Fraction of MeHg methylated 
when the reaction was mediated by FeSm(s), aged for 1hour, 1day or 7 days. The amounts of MeHg and 
FeSm(s) reacted was 9.6 nmol and 2.8 μmol respectively, giving a final MeHg:FeSm(s) ratio of 3.4 nmol 
μmol-1. No statistical differences between the reactions with the FeSm(s) of different ages (p>0.05) was 
observed.  
 Fraction converted ·10-3 
FeSm(s) aged 1h 16 ±  4.6 
FeSm(s) aged 1d 17  ±  14 
FeSm(s) aged 7d 12  ±  3.3 
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Table 5. Conversion of MeHg to DMeHg on FeSm(s), CdS(s) and HgS(s). Fraction of MeHg methylated 
on CdS(s), FeS(s) and HgS(s) at equal MeHg to specific surface area ratios (9.6 nmol MeHg, 970 nmol 
MeHg m-2 mineral surface). No significant differences were found for the methylation on the sulfide 
minerals tested (ANOVA, p>0.05). 
 Fraction converted ·10-3 MeHg:(Fe/Cd/Hg)S(s) ratio 
  nmol μmol-1 nmol surface area 
(m2)-1 
FeSm(s) 8.3 ±  3.6 4.8 970 
CdS(s) 2.2 ±  1.3 10 970 
HgS(s) 4.0 ±  1.9 4.4 970 
 
The effect of pH and ionic strength on the production of DMeHg was also tested. Fig. 5 shows the 
speciation of the FeSm(s) surface sites modeled by Wolther et al.38 As the figure shows, the ≡ Fe1S1- sites 
are fully protonated at pH 6; while at pH 8 they are fully deprotonated.38 We varied the pH of our solutions 
from 6 to 8 to investigate if the degree of protonation of ≡ Fe1S1- sites affected the reaction between MeHg 
and FeSm(s). The fraction of MeHg converted to DMeHg (or pmol of DMeHg produced) was found not to 
change with pH (Fig. 6). Moreover, the conversion of MeHg to DMeHg was not affected when experiments 
were performed in a solution of 0.02 or 0.20 M NaCl (Fig. 6).   
 
                    
Fig. 5. Speciation of ≡Fe1S1- groups on the FeSm(s) surface, modelled by Wolthers et al.61 Figure 
reprinted from ‘Surface chemistry of disordered mackinawite (FeS)’ by Wolthers et al., 2005, Geochimica 
Cosmochimica Acta, 69 (14) Pages 3469-3481.Copyright (2005) Elsevier.  
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Fig. 6. Conversion of MeHg to DMeHg on FeSm(s) at different pH and ionic strengths. Formation of 
DMeHg when adsorbing MeHg on FeSm(s) at pH of 6, 7 or 8 and ionic strength of 0.02 (white circles) or 
0.20 M (black circles) in a) short term and b) long term experiments. No significant differences (two-way 
ANOVA, p>0.05) were found for the amount of DMeHg formed in a) or b). 
 
The reaction between MeHg and FeSm(s) was compared to that of MeHg and dissolved inorganic 
sulfide (shown in previous studies).32,33 As the pKa1 of H2S is equal to 7, the speciation of sulfide at the pH 
of our experimental solutions (~7) was dominated by H2S and HS-. However, we henceforth use S-II to refer 
to the dissolved inorganic sulfide; bearing in mind that the S-II representation stands for the oxidation state 
of the sulfide in solution rather than the speciation of sulfide. Experiments were conducted using MeHg:S-
II ratios starting from 4.3 to 1900 nmol MeHg/µmol S-II. The fraction of MeHg converted to DMeHg was 
found to be at least 6 times lower for S-II than for FeSm(s) tested at a ratio of 4.3 nmol/µmol FeSm(s) (Fig. 
7).  
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Fig. 7. Conversion of MeHg to DMeHg from reaction of MeHg with S-II(aq). Fraction of MeHg 
methylated on FeSm(s) (±SD, n=3) at a MeHg:FeSm(s) ratio of 4.3 (nmol μmol-1) or with dissolved sulfide 
at MeHg:S-II ratios of 4.3 to 1900 (nmol μmol-1). LOD = Limit of detection. Roman numbers indicate 
significant differences (p<0.05). *One outlier removed (n=2). 
 
To better explain the difference in the production of DMeHg between the two forms of sulfide used, 
we determined the activation energy for the two reactions assuming pseudo first order reaction kinetics and 
using the Arrhenius equation: 
 
                                             lnk = ln Ae – Ea/RT                         (3) 
 
where: k is the rate constant, Ae  is the frequency factor, Ea the activation energy, R gas constant, and T is 
the temperature in kelvin. 
 
Experiments were conducted at 0, 18, 40, and 60ºC. For the reaction between MeHg and FeSm(s), the 
production of DMeHg was below detection at 0ºC and the activation energy was calculated from the results 
obtained at 18, 40, and 60ºC. For the reaction between MeHg and S-II, a higher concentration of MeHg was 
used to ensure that the amount of DMeHg produced from the reaction was above the detection limit. The 
production of DMeHg at 0 and 18ºC was similar, hence only the results at 40 and 60 ºC were used to 
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calculate the activation energy. The activation energy for the reaction with FeSm(s) was found to be 91±4.6 
kJ mol-1, while the reaction with S-II had an activation energy of 41±6.8 kJ mol-1 (Fig. 8).   
 
                                      
Fig. 8. Conversion of MeHg to DMeHg on FeSm(s) at different temperatures. Effect of temperature 
(1/T (kelvin-1)) on the reaction rate constant (k, s-1) for 7.5 nmol MeHg added to 2.8 µmol FeSm(s) (triangles) 
and 390 nmol MeHg reacted with 380 nmol S-II(aq) (circles). Both regression models were statistically 
significant (linear regression, ANOVA, p<0.05).  
 
To investigate if DMeHg will be produced when MeHg is reacted with reduced sulfur sites on 
organic compounds (thiols), MeHg was reacted with monothiols and dithiols at a ratio of 1000 nmol 
MeHg/µmol thiol group. While the reaction of MeHg with the dithiols produced detectable amounts of 
DMeHg, the production of DMeHg from the reaction of MeHg with the monothiols was below the detection 
limit. Additionally, the fraction of MeHg converted to DMeHg was almost 20 times more when MeHg was 
reacted with 1,2-ethanedithiol than when 1,3-propanedithiol was reacted. Compared to the reaction with 
FeSm(s) when tested at a ratio of 3.4 nmol MeHg/µmol FeSm(s), the fraction of MeHg converted to DMeHg 
by the reaction of MeHg with 1,2-ethanedithiol was 100 times less than that converted when MeHg was 
reacted with FeSm(s) (Fig. 9).   
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Fig. 9. Conversion of MeHg to DMeHg from reaction of MeHg with organic thiols. Fraction of MeHg 
methylated (±SD, n=3) on FeSm(s) (MeHg:FeSm(s) ratio of 3.4 nmol μmol-1, left hand axis) or with L-
Cysteine (L-Cyst.), 3-mercaptopropionic acid (Mercap.), 1,2-ethanedithiol (Et-(SH)2) or 1,3-propanedithiol 
(Prop-(SH)2) (MeHg:thiol ratio of 1000 and 2000 nmol μmol-1 for mono- and dithiols respectively giving a 
MeHg:R-SH ratio of 1 for both mono and di-thiols, right hand axis). LOD = Limit of detection. Roman 
numbers indicate significant differences (p<0.05). 
 
To investigate the production of DMeHg under conditions more representative of the natural 
environment, MeHg was reacted with FeSm(s) in artificial seawater with and without the algae Thalassiosira 
weissflogii. The reaction was also studied in presence of different constituents of the algae cells — cell 
membrane and organelles vs cytoplasm. The fraction of MeHg converted to DMeHg was highest in 
seawater without any organic material and lowest when intact algae cells were added (Fig. 10). Further, the 
difference between the amounts of DMeHg produced when no organic material was present and when 
whole cells were present was in agreement to sum of differences between experiments with seawater vs. 
seawater with organelles and seawater vs. seawater with cytoplasm.  
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Fig. 10. Conversion of MeHg to DMeHg on FeSm(s) in sea water and in the presence of organic 
material. Fraction of MeHg methylated when adsorbing MeHg on FeSm(s) in artificial sea water, and in 
artificial sea water with whole cells, cell walls (pellet obtained at 754 G for 15 min) or the cytoplasm 
(remaining in solution after centrifugation at 754 G, 15 min) of 1.2·106 cells of Thalassiosira weissflogii. 
Roman letters indicate significantly differences (p<0.05, ANOVA followed by Tukey’s post-hoc test). 
 
4.4. Discussion 
 
4.4.1. Mechanism for DMeHg Formation  
 
The adsorption of MeHg on FeSm(s) using three different ratios of MeHg to FeSm(s) resulted in 
about 90 % of the MeHg adsorbed on the FeSm(s) particles for all three experiments after 1 h of reaction 
(Fig. 2). Additionally, all three ratios produced detectable amounts of DMeHg. As MeHg was the only 
methyl containing group in our solutions, the reaction to produce DMeHg must have involved two MeHg 
ions. We suggest that the reaction must have involved two adsorbed MeHg ions rather than one MeHg ion 
adsorbed and the other one in solution. If the reaction had involved one MeHg ion adsorbed and one in 
solution, the fraction of MeHg converted to DMeHg would be constant for all three MeHg:FeSm(s) ratios 
used as the fraction of MeHg immobilized on FeSm(s) was constant among the ratios. This was however 
not the case. Our results show that the fraction of MeHg converted (methylated) to DMeHg (and conversion 
rate) increased with increase in MeHg:FeSm(s) ratio and with the fraction of ≡Fe1S1- sites saturated (Fig. 3); 
suggesting that the reaction involves two adsorbed MeHg groups and that the fraction of MeHg converted 
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to DMeHg depends on the fraction of binding sites saturated with MeHg. Additional experiments where 
the concentration of MeHg was held constant and the concentration of FeSm(s) was varied, show that the 
fraction of MeHg converted to DMeHg increased with increased saturation of ≡Fe1S1- sites, up to the point 
where all the sites were theoretical saturated at about 10 nmol MeHg/µmol FeSm(s) (Fig. 4). At 
MeHg:FeSm(s) ratios of 10 nmol MeHg/µmol FeSm(s) and below, the number of ≡Fe1S1- sites was greater 
than the amount of MeHg added to the experiment (9.6 nmol), thus the amount (and fraction) of MeHg 
adsorbed on the ≡Fe1S1- sites was equal in these experiments. The increase in the fraction of MeHg 
converted to DMeHg with increased saturation of ≡Fe1S1- sites seen in the first half of Fig. 4, therefore 
confirms the involvement of two adsorbed MeHg groups in the reaction mechanism and suggests that the 
proximity of the adsorbed groups is important for the reaction. At ratios greater than 10 nmol MeHg/µmol 
FeSm, the ≡Fe1S1- sites available were less than 9.6 nmol, i.e. less than the amount of MeHg added to the 
solutions. The decrease in the fraction of MeHg converted to DMeHg at MeHg:FeSm(s) ratios greater than 
10 nmol MeHg/µmol FeSm (Fig. 4), was thus likely due to the decrease in the fraction of MeHg adsorbed 
on the ≡Fe1S1- sites as the number of ≡Fe1S1-  sites present were now less than the amount of MeHg added 
to the solutions. 
From the results of the above experiments, we suggest that an SN2-type of reaction is occurring on 
the FeSm(s) mineral surface. The reaction begins when a ≡Fe1S1- site acts as a nucleophile and forms a bond 
with the Hg atom of a MeHg ion adsorbed on a neighboring ≡Fe1S1- site. A nucleophilic substitution follows 
where the nucleophilic ≡Fe1S1- site replaces the methyl group on the Hg atom. The methyl leaving group 
then combines with the MeHg ion adsorbed initially on the nucleophilic ≡Fe1S1- site and forms DMeHg 
(Fig. 11).  
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Fig. 11. Proposed reaction mechanism. The proposed SN2-type reaction mechanism for the formation of 
(CH3)2Hg (DMeHg) from CH3Hg (MeHg) mediated by inorganic or organic surfaces with neighboring 
reduced sulfur groups. 
 
The reaction is bound to proceed faster when the adsorbed groups are closer together; hence the 
increase in conversion of MeHg to DMeHg with increase in saturation of ≡Fe1S1- sites. As for the Hg atom 
remaining on the surface of FeSm(s), previous studies investigating the sorption mechanism of HgII by 
FeSm(s) show that β-HgS(s) is the dominant product formed when HgII reacts with FeSm(s), though mixed 
Hg chlorosulfide-like surface precipitates also form at lower Hg concentrations.62 We suggest that the Hg 
atom that remains on the surface bound to sulfur forms β-HgS(s) or mixed surface precipitates of Hg.45,62 
In our experiments, we did not investigate the nature of the solid products of our reaction. The ratio of 
Hg:FeSm(s) used here is much lower than used in previous studies and only about 0.1% of the MeHg is 
converted to DMeHg in 24 h. Nonetheless, the overall reaction between MeHg and FeSm(s) to form DMeHg 
and β-HgS(s) (Eqn. 4) is thermodynamically feasible at the concentrations defined in our experiments and 
assuming the dissolved FeII concentration is set by the solubility product of FeSm(s) at pH 7. At standard 
temperature and pressure, a highly favorable reaction with a log K and ΔG value of 31.5 and -107 kJ mol-1 
respectively, were calculated using the stability constants given by Stumm and Morgan.63  
 
2 CH3HgOH + 2H+ + FeSm(s)  → HgS(s) + (CH3)2Hg + Fe2+ + 2H2O (4) 
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4.4.2. Reactions of MeHg with Metal Sulfide Solids 
 
The first iron sulfide phase to precipitate in nature from an aqueous solution of FeII and S-II is 
mackinawite.38,59 This mineral phase of iron sulfide also precipitated in our experiments when FeII was 
reacted with S-II (Fig. 1). With time and under excess sulfide concentrations or mildly reducing conditions, 
mackinawite is transformed to the more stable and crystalline phase of pyrite (FeS2) via the intermediate 
greigite (Fe3S4).38,64 As this is a solid state transformation, mixed phases containing mackinawite, greigite 
and pyrite are encountered in the environment.64 In anoxic non-sulfidic sediments, mackinawite can exist 
for a relatively long time; and though the mineral is not transformed to other iron sulfide phases under these 
conditions, its crystallinity increases over time.60,61,65 Where iron sulfide precipitates form, there is also the 
potential for other metal sulfides (HgS, PbS, CdS, and ZnS) to form.37 For other metals such as Co2+, Cu2+, 
Ni2+ and Cr+2, co-precipitation with the iron sulfide solids is more likely to happen than the formation of a 
pure metal sulfide phase.37,66 Whether a metal ion co-precipitates or not depends on the kinetics and 
thermodynamics of the reaction between the metal ions and S-II. For metal sulfides of lower thermodynamic 
stability or slower reaction kinetics, relative to those of FeSm(s), the metal ion is likely to co-precipitate 
with FeSm(s) rather than form its own metal sulfide solid.37,66 In natural settings therefore, various forms 
and compositions of metal sulfides exist. To study how the variability of the metal sulfide pool found in 
nature can impact the formation of DMeHg, we examined DMeHg formation using two metal sulfide 
species (HgS(s) and CdS(s)) thermodynamically more stable than FeSm(s), and using FeSm(s) aged for 1h, 
1d and 7d. Our results show that neither the aging of FeSm(s) nor the stability of the metal sulfides changes 
the production of DMeHg (Table 4 and 5). The thermodynamic stability and crystallinity of the sulfide 
mineral thus do not seem to affect the production of DMeHg; further supporting the proposed surface 
mediated reaction mechanism.  
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4.4.3. Reactions of MeHg with Dissolved Reduced Sulfur  
 
The formation of DMeHg from the abiotic degradation of MeHg was first reported by Craig and 
Bartlett.32 In their study, H2S was purged through aqueous solutions and sediments spiked with MeHg at a 
concentration of 5-3000 µM and 0.5µg/g, respectively.32 At high concentrations of MeHg, the researchers 
observed a white precipitate identified as bismethylmercurysulfide ((CH3Hg)2S), which with time, degraded 
to a black solid. The final products of the reaction were identified as DMeHg and HgS(s).32 More recent 
studies have reported the abiotic degradation of MeHg with selenocysteine via the formation of the 
intermediate (CH3Hg)2Se and final products DMeHg and HgSe nanoparticles.35 Density Functional Theory 
calculations support the reaction of MeHg with thiol amino acids or their selenium analogues to produce 
DMeHg and HgS(s) or HgSe via the intermediate (CH3Hg)2S(s) or (CH3Hg)2Se(s), respectively.34 The 
reaction is proposed to proceed through either of two mechanisms (Fig. 12) with comparable 
thermodynamic favorability. The first one involves the reaction of two MeHg-thiol (selenol) complexes 
with a third molecule of thiol (seleno) amino acid; and the second one involves one MeHg-thiol (selenol) 
complex and one MeHgOH complex. The former reaction is in line with experimental observations.35  
 
                                 
 
Fig. 12. Proposed mechanism for the formation of DMeHg from the reaction of MeHg with amino 
and selenoaminoacids. Figure reprinted from ‘Degradation Mechanism of Methyl Mercury Selenoamino 
Acid Complexes: A computational Study' with permission from Asaduzzaman and Schreckenbach, Inorg. 
Chem.  2011, 50, 2366-2372. Copyright (2011) American Chemical Society. 
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 In our experiments where MeHg was reacted with S-II and thiols, we did not detect the intermediate, 
(CH3Hg)2S, possibly because of the lower concentrations of MeHg used in our experiments. However, the 
fraction of MeHg converted to DMeHg when S-II or thiols was used was at least 6 times less than when 
FeSm(s) was used, respectively (Fig. 7 and Fig. 9). Additionally, the reaction of MeHg with dithiols 
produced detectable amounts of DMeHg while the monothiols did not; and 20 times more DMeHg was 
detected when MeHg was reacted with 1,2-ethanedithiol than when reacted with 1,3-propanedithiol (Fig. 
9). These results suggest that more DMeHg is produced where the adsorbed MeHg groups are closer 
together, and thus support a reaction mechanism involving the transfer of MeHg groups attached on 
neighboring sulfide sites. The higher activation energy calculated for the reaction between MeHg and 
FeSm(s) (91 kJ mol-1) relative to the reaction with S-II (41 kJ mol-1) suggests that the latter reaction is not 
hindered by a high Ae. 
The reaction between MeHg and S-II may be hindered by the formation of soluble Hg-sulfide 
complexes. In the S-II system, 4.9 pmol of organic mercury (DMeHg) were produced, meaning the same 
amount of inorganic mercury were also produced from the reaction of 12 nmol of MeHg with 2.8 µmol of 
S-II. Our speciation modeling results suggest that 71 % of the inorganic mercury produced from the reaction 
will exists as HgS2H- (aq) at pH 7; and under these conditions, the solubility product of HgS(s) is not 
exceeded. In the FeSm(s) system on the other hand, if we assume the dissolved sulfide concentration is set 
by the Ksp of FeSm(s), the mere production of 4.9 pmol of inorganic mercury will cause the precipitation 
of HgS(s). The removal of the inorganic mercury product from solution via the precipitation of HgS(s) will 
favor the forward reaction and promote the formation of more DMeHg as shown in equation 4 above. Just 
like Hg-Sulfide aqueous complexes, Hg-thiol complexes can form in presence of thiols and these also 
inhibit the precipitation of HgS(s).67 Indeed, in earlier experiments, cysteine inhibited the precipitation of 
HgS(s) from the reaction of MeHg with S-II. While solutions containing 150 µM MeHg and 150 µM S-II 
precipitated HgS(s) particles after 7 days, particles were only noticed after 1 month in solutions containing 
150 µM MeHg, 150 µM S-II and 150 µM cysteine. It seems like a plausible explanation that if S-II and thiols 
inhibit the precipitation of HgS(s), the reaction will be hindered from moving forward and less DMeHg 
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will be produced. However, the thermodynamic favorability of the reaction between MeHg and S-II (Eqn. 
5) to form soluble Hg-sulfide species and DMeHg, is similar to the reaction between MeHg and FeSm(s) 
forming HgS(s)and DMeHg. The reaction in equation 5 under the experimental conditions yields a log K 
and ∆G value of 28.8 and ~-112 kJ/mole respectively, slightly more than for the reaction between MeHg 
and FeSm(s) in equation 4 above.  
 
     2 CH3HgOH + H+ + 2HS-   →    HgS2H- + (CH3)2Hg + 2H2O          (5) 
 
For the reaction between MeHg and the thiols, assuming the reaction follows a similar mechanism as that 
of MeHg and S-II, one of the products will be Hg-thiol complexes as shown in equation 6 below. At the 
concentrations used in our experiments and using Hg-thiol stability constants determined by Skyllberg,68 
the log K and ∆G value for reaction 6 is 38.3 and ~ -130 kJ/mole respectively. Our value of ∆Gᵒ (~ -200 
kJ/mole) for the reaction between MeHg and thiols is lower than that reported by Asaduzzaman (-276 
kJ/mole) using density functional calculations.34 Thus, the reaction of MeHg with the thiols is more feasible 
than that with either FeSm(s) or S-II. 
 
     2 CH3HgOH + 2H+ + 2RS-   → Hg(SR)2 + (CH3)2Hg + 2H2O           (6) 
 
We propose that while the reaction between MeHg and S-II or thiols is thermodynamically more 
favorable, these reactions are instead inhibited by a lower probability of occurrence for the nucleophilic 
attack initiated by the sulfide site on the MeHg ion adsorbed on a neighboring sulfide site (as demonstrated 
in Fig. 11). For these reactions, once MeHg and S-II or MeHg and thiol complexes form, at least two of 
these must collide for the reaction to happen. The adsorbed MeHg groups are further apart when in solution 
and the reaction is hindered by the diffusion of the complexes. In the case of 1,2-ethanedithiol, even though 
the adsorbed MeHg groups are on sulfide sites situated on adjacent carbon atoms, the reaction of MeHg 
with 1,2-ethanedithiol produced 100 times less DMeHg than the reaction between MeHg and FeSm(s). The 
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higher productivity of the latter reaction is likely because of a higher density of electrons on the FeSm(s) 
surface than on the organic dithiol molecule. The presence of coordinatively unsaturated sulfur atoms on 
the surface of the FeSm(s) can also be expected to increase the reactivity of the sulfide sites on the FeSm(s) 
relative to the sites on the dithiol molecule. This also means that the production of DMeHg would occur 
even faster when MeHg is adsorbed on metal sulfide NPs.    
 
4.4.4. DMeHg Formation in Seawater and in Presence of Thalassiosira Weissflogii   
 
The reaction between MeHg and FeSm(s) was examined under environmental conditions with the 
reaction medium consisting of artificial seawater and the algae Thalassiosira weissflogii. When FeSm(s) 
and MeHg were added to solutions containing intact algae cells, cell organelles only or the cytoplasm only, 
the production of DMeHg was less than when FeSm(s) and MeHg were added to seawater without any 
organic matter addition (Fig. 10). The change in the production of DMeHg when the intact cells were added 
to seawater compared to when no organic material was added, was comparable to the sum of change in 
DMeHg production witnessed when the organelles only and the cytoplasm only were added (Fig. 10). This 
suggests that the reduced production of DMeHg when the intact cells were added was due to the 
complexation of MeHg to ligands, likely thiol ligands, present in the cytoplasm and in the cell organelles. 
As we did not see a difference in the reaction of MeHg with FeSm(s) at a pH of 6, 7 or 8, and in solutions 
of 0.02 M or 0.20M NaCl (Fig. 6), the reactions should not have been affected by the higher pH or ionic 
strength of the seawater. Our results showing reduced DMeHg production when MeHg and FeSm(s) are 
reacted in presence of organic matter, likely caused by the binding of MeHg to thiol sites (Fig. 10), agree 
with the reduced production of DMeHg when MeHg was reacted with thiols compared to when reacted 
with FeSm(s) (Fig. 9). The experiments in seawater and in the presence of algae cells were conducted in 
order to determine the potential for abiotic degradation of MeHg by the intracellular reaction of MeHg with 
iron-sulfur clusters present in some proteins (e.g. ferredoxins). These iron- sulfur clusters mediate many 
redox reactions in biochemical processes and are found in many organisms including photosynthetic 
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organisms.59 The known structures of the clusters consist of Fe2S2(SR)2, Fe3S4(SR)3, and Fe4S4(SR)4, with 
Fe2S2 reported as having a core similar to that of mackinawite.59 Though here we do not show the 
degradation of MeHg by iron-sulfur clusters, we show the potential for the reaction to happen intracellularly 
in photosynthetic marine organisms. 
 
4.5. Conclusions and Environmental Implications  
 
This work is the first demonstration on the production of DMeHg from the degradation of MeHg 
on metal sulfide surfaces (FeS(s), CdS(s) and HgS(s)) as well as from the reaction of MeHg with dithiols. 
In comparison to the production of DMeHg from the reaction of MeHg with S-II or with monothiols 
(previously shown), the reaction with solid metal sulfides is at least 6 times faster.32,35 Additionally, 
although the reaction of MeHg with FeS(s) is inhibited in presence of organic matter, it is not prevented 
from occurring. As far as the degradation of MeHg is concerned, our mechanism may not seem to be an 
important pathway for the demethylation of MeHg in sediments. Typical demethylation rates measured in 
estuarine sediments range from 0.4–9.6 d-1, much higher than the 0.02 d-1 measured in our experiments (as 
twice the conversion rate of MeHg to DMeHg in Fig. 3).40 However, here we only measured the production 
of DMeHg from the degradation of MeHg on reduced sulfur sites. Also, the amount of DMeHg determined 
might be an underestimation of the actual amount produced in our experiments as some might have 
degraded to methane and MeHg (Eqn. 7) as suggested in previous studies examining the degradation of 
MeHg by dissolved sulfur species.32,33,35 
 
       (CH3)2Hg + H2O    → CH3HgOH + CH4 (g)         (7) 
 
The degradation of DMeHg by H+ is also suggested by the mechanism outlined in Fig. 12. 
A major implication of our work is the identification of a possible source of DMeHg in the ocean. 
DMeHg has been detected in various compartments of the ocean including in the sediment, in the water 
column and near hydrothermal vent systems.3,5,42,69-71 Its presence in the water column has been correlated 
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to regions of high primary production and organic matter degradation.3,5,7,46,47,72,73 In some locations, the 
dissolved concentration of DMeHg is comparable to that of MeHg. As it is a volatile compound, it can be 
evaded out of the ocean and into the atmosphere where it then undergoes photo-degradation to MeHg and 
gets re-deposited to another location. DMeHg evaded to the atmosphere during upwelling events has been 
suggested to be a source of MeHg deposition to coastal areas in Monterey Bay, California.74 Another 
example is the high concentrations of methylated Hg (MeHg +DMeHg) detected in the pristine Arctic 
ocean, where it has been suggested that DMeHg evaded from the open ocean gets photo-degraded and 
redeposited to the region as MeHg.56 As DMeHg is more hydrophobic (log Kow = 2.6) than neutral MeHg 
complexes (e.g. CH3HgCl, log Kow = 0.23) and it also degrades to MeHg relatively fast via various 
mechanisms, it is suggested to be both a direct source and an indirect source of methylated Hg to marine 
organisms.6,70 Additionally, in the ocean water column, degradation of DMeHg is an important source of 
MeHg.68 The sources of DMeHg in the ocean, however, remain largely unknown.  
In our experiments, we show the production of DMeHg from the reactions of MeHg with various 
reduced sulfur species. This pathway of DMeHg formation is not only relevant to sulfidic environments in 
marine sediments, but it also applies to surface and deep waters where DMeHg has been detected. A major 
source of sulfur to the ocean is reduced sulfur emanating from hydrothermal vents.75 On contact with 
seawater rich in dissolved metal ions and organic matter, the sulfide precipitates as metal sulfide 
nanoparticles.76-78 Indeed, nanoparticles of ZnS(s), CdS(s), FeS2(s) and FeSm(s) have been detected around 
hydrothermal systems, and as discussed in Chapter 2 and suggested by others, these can be transported far 
from their source without undergoing oxidation or aggregation.53,76-79 It has also been shown that reducing 
conditions exists within aggregates forming from the coagulation of particles settling from the water 
column. Ortiz et al., for example, demonstrated that the methylation of HgII to MeHg, likely from the 
degradation of organic matter by sulfate reducing bacteria (SRB), occurs in these anoxic 
microenvironments.8 The production of H2S from dissimulative sulfate reduction by SRB could cause the 
precipitation of metal sulfide particles within these regions. Thus, the presence of both MeHg and reduced 
sulfur in these aggregates makes them suitable zones for the formation of DMeHg via the mechanism 
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demonstrated here. MeHg and DMeHg are also commonly found in regions of high primary production, 
suggesting environments rich in low molecular weight thiols.3,5,47 The production of DMeHg from the 
reaction of MeHg with thiols or intracellularly from the reaction of MeHg with iron-sulfur clusters present 
in certain proteins is also possible here. Last but not least, the precipitation of Cd, Zn and Cu by sulfide 
produced in oxygen deficient zones of ocean waters has been documented.80 It is important to note that 
higher concentrations of methylated Hg are found in these waters and that the concentrations of methylated 
mercury has been correlated to apparent oxygen utilization, or other proxies of organic matter degradation, 
such as nutrient concentrations, within the ocean’s water column.6,7,72,73,81  
While higher concentrations of MeHg were used in our experiments than found in the water column 
of the ocean, the ratio of MeHg:FeS(s) used here (nmol MeHg per µmol FeS(s)) is similar to the ratio of 
MeHg:sulfide particles in the environment or to the ratio of MeHg:Fe found inside the cells of 
phytoplanktons.10,82,83 Thus, the production of DMeHg via our proposed mechanism is possible from the 
reaction of MeHg with metal sulfides or thiols in surface, intermediate or deep waters as well as within 
phytoplankton cells with iron-sulfur clusters.  
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5.  Overall Conclusions 
 
The primary aims of this work were to provide a better understanding of the reactions between HgII 
and MeHg with inorganic and organic reduced sulfur species and how these reactions affect the 
transformation of one Hg form to another. As Hg preferentially binds to reduced sulfur, the transformation 
(and biogeochemistry) of Hg involves and is driven by the chemistry between Hg and reduced S. The work 
presented in this thesis, provides new insights that lead to a deeper understanding of the interactions of HgII 
and MeHg with reduced sulfur and highlights the implications of these reactions on the conversion of HgII 
to its methylated forms.  
 
5.1 Overview and Implications of Findings  
 
The research was focused by a number of specific aims that were detailed and discussed in Chapter 
1, and are reiterated here. The overall specific aims were: 
1. To study the formation of β-HgS(s)nano in solutions containing DOM extracted from the marine 
environment and from the overall dynamics of the interaction of HgII with metal sulfide 
nanoparticles. 
2. To study the methylation rates, in multiple estuaries, for HgII complexed to different reduced 
sulfur species that are commonly found in the sediment. 
3. To study if MeHg adsorbed onto FeSm(s), other metal sulfide minerals, as we all as on low 
molecular weight thiols, can degrade to form DMeHg, similar to the known reaction of MeHg 
with H2S. 
The overall results and conclusions from the study and how these demonstrate achievement of the specific 
aims are detailed below. 
To fulfil Specific Aim 1, we examined in Chapter 2 of this thesis, the reaction of HgII with S-II in 
presence of marine DOM under conditions where β-HgS(s) should precipitate. We demonstrated that by 
DOM adsorbing on the surface of the growing β-HgS(s) sub-micron particles, DOM inhibits aggregation 
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and growth of β-HgS(s), thereby leading to the stable formation of β-HgS(s) nanoparticles. The size and 
stability of the β-HgS(s)nano were found to vary with the type and concentration of the DOM. The DOM 
extracted from offshore marine environments and characterized by organic molecules with less humic 
character was less effective in controlling the growth of β-HgS(s) while DOM extracted from a coastal 
location and characterized by having more humic substances effectively controlled the growth of β-HgS(s). 
Both types of DOM however, led to the formation of nano-sized β-HgS(s). Additionally, we found that 
upon increasing the HgII:DOM ratio by reducing the concentration of DOM in the experimental solutions, 
β-HgS(s) particles grew in size likely by oriented attachment. However, only at very high HgII:DOM ratios 
(>41 µmol HgII/ mg C; >0.49 Hg/C (molar ratio)), much higher than molar ratios of Hg/C found in coastal 
sediments (10-5-10-7.5) did rapid aggregation and sedimentation of the particles occur.1 Our results suggest 
that in both pristine and contaminated marine sediments, under conditions of supersaturation with respect 
to β-HgS(s), it is β-HgS(s)nano and not microparticles (β-HgS(s)micro) that will precipitate. The size of the 
particles precipitating under these natural conditions will likely be about 5 nm, meaning almost 50% of the 
atoms will be on the surface of the particles. The formation of β-HgS(s)nano has been shown before in 
solutions containing DOM extracted from a terrestrial or fresh water source.2-5 Here, we show formation of 
β-HgS(s)nano using DOM extracted from offshore environments and from two coastal locations, and that 
these should form over the range of expected HgII and DOM concentrations in regions of intermediate 
sulfide concentration.  
In Chapter 3, examining Specific Aim 2, we studied the methylation rate of HgII added as β-
HgS(s)nano relative to HgII added as HgII complexed to reduced sulfur forms, as well as to HgII(aq) and β-
HgS(s)micro in different sediments. These rates were also compared to those for HgII bound to organic matter, 
likely via binding to thiols groups in the DOM. We found that in some sediment slurries, the methylation 
of β-HgS(s)nano was comparable to that of HgII(aq), and always higher than the methylation of β-HgS(s)micro. 
While previous studies have compared the methylation of β-HgS(s)nano capped with Suwanee River Humic 
Acid to commercially available β-HgS(s)micro, our study compares methylation of β-HgS(s)nano to that of β-
HgS(s)micro precipitated under similar conditions and aged for the same amount of time.6,7 The higher 
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fraction and lability of surface atoms on β-HgS(s)nano relative to β-HgS(s)micro means that the dissolution 
kinetics of β-HgS(s)nano will be faster than those of β-HgS(s)micro; and as the methylating bacteria are thought 
to take up only dissolved HgII complexes, the methylation rate of β-HgS(s)nano can be expected to be higher 
than that of β-HgS(s)micro. It is also possible for the dissolution kinetics of β-HgS(s)nano to be reduced to a 
rate similar to that of β-HgS(s)micro based on the prevailing conditions in the sediment. For example, the 
presence of metal ions that can adsorb or precipitate on the reactive β-HgS(s)nano surface could reduce the 
presence of labile surface HgII atoms on the β-HgS(s)nano, and hinder dissolution. In such a case, the 
bioavailability of β-HgS(s)nano to methylating bacteria will be lower than that of HgII(aq) and maybe similar 
to that of β-HgS(s)micro. As the surface of the β-HgS(s)micro is less reactive than that of β-HgS(s)nano and as 
the methylation of β-HgS(s)micro is already very low, metal ions that adsorb or precipitate on the surface of 
β-HgS(s)micro may not cause an observable change in the methylation of β-HgS(s)micro.  
Overall, our results suggest that the precipitation of β-HgS(s) in marine sediments, which is 
predicted to occur under measured conditions based on thermodynamic calculations, will not always limit 
the availability of HgII to methylating bacteria. Results from this work can be used to interpret field data, 
and provide information needed to construct better thermodynamic models of Hg speciation in sediments. 
For example, in a study by Schartup et al., sediment total Hg was normalized to organic carbon across a 
range of HgII and DOM concentrations from pristine to contaminated sites (Fig.1), and the methylation rate 
found to be higher at low pHg/C (- log Hg/C).1 In our experiments where the formation of β-HgS(s)nano was 
investigated using different HgII:DOM ratios, the pHg/C at the lowest ratio used in our work (1.5 nmol/ mg 
C) was about 5 — close to the values for some of the sites examined by Schartup et al.1   
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Fig. 1 Sediment total Hg concentration normalized to organic carbon across a range of HgII and DOM 
concentrations from pristine to contaminated sites. Each bar is an average of 2-3 sediment cores with the 
top and bottom of the bars representing the 25th and 75th percentile. Figure reprinted from ‘Methylmercury 
Production in Estuarine Sediments: Role of Organic Matter’, with permission from Schartup et al., Environ. 
Sci. Technol.  2013, 47, 695-700. Copyright (2012) American Chemical Society. 
 
In Chapter 3, we also found that HgII complexed to thiol groups in DOM was more available for 
methylation than all the other HgII tracers tested here. Previous studies done in pure bacterial cultures have 
shown that the bacteria can take up Hg-thiol complexes by active transport; however, not all types of thiols 
that form complexes with HgII could be taken up by the bacteria.8,9 In this work, we have shown, in sediment 
slurries, that Hg-thiol complexes in DOM are taken up by the bacteria and were methylated more than two 
times the methylation of HgII (aq). As reduced sulfur groups on DOM are associated with multiple 
components of the DOM, our results suggest that certain Hg-thiol complexes in DOM might be more 
available than others to the methylating bacteria. The presence and concentration of these thiol complexes 
with enhanced availability to the methylating bacteria might be a potential factor affecting mercury 
methylation rates in sediments.   
In chapter 4, to investigate Specific Aim 3, we determined if the adsorption of MeHg on the iron 
sulfide phase mackinawite (FeSm(s)) and on other metal sulfide minerals (HgS(s) and CdS(s)) as well as on 
low molecular weight thiols can degrade to form β-HgS(s) and DMeHg, similar to the reaction of MeHg 
with H2S shown in previous studies.10-12 We found that indeed DMeHg formed from the adsorption of 
MeHg on metal sulfide solids and on low molecular weight thiols. The fraction of MeHg converted to 
DMeHg was comparable when MeHg was reacted with the metal sulfide solids and at least 6 times greater 
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than when MeHg was reacted with dissolved reduced sulfur. Additionally, though the reaction of MeHg 
and FeSm(s) was inhibited in the presence of organic material (phytoplankton) in seawater, it was not 
prevented from proceeding. Based on our results, we propose a mechanism for the formation of DMeHg 
from the reaction of two MeHg groups adsorbed on reduced sulfur species. We suggest that DMeHg in the 
ocean can be formed via our proposed mechanism where MeHg reacts with low molecular weight thiols in 
areas of high primary production or from the reaction of MeHg with metal sulfide nanoparticles released 
from e.g. hydrothermal vents or those forming in low oxygen intermediate waters.13-16 The sources of 
DMeHg to the ocean are not well known. Here, we propose a possible pathway, which has not been 
demonstrated before, for the formation of DMeHg in ocean waters. 
 
5.2 Future Work  
 
 While the results of this thesis can be used to interpret trends in HgII methylation rates and the net 
production of MeHg observed in different systems, more research is needed to further elucidate the complex 
relation between HgII and MeHg with reduced sulfur. Some research areas that warrant further studies 
include:  
 
1) Studies looking at the fraction of HgII precipitating as nanoparticulate in solutions containing HgII, 
S-II and DOM. The mechanism of precipitation is suggested to involve first the formation of 
molecular clusters which then transform to nanoparticles and then to bulk precipitates.17,18 The 
clusters are defined in classical nucleation theory as a group of molecules that eventually lead to 
the formation of a condensed phase.17 DOM may also stabilize molecular clusters of Hg-S 
preventing the formation of β-HgS(s)nano just as it stabilizes β-HgS(s)nano preventing formation of 
β-HgS(s)micro. In this case, this would mean that some HgII in the β-HgS(s)nano solutions exists in 
the dissolved phase as Hg-S clusters and the bioavailability of the Hg-S clusters to methylating 
bacteria relative to the β-HgS(s)nano would likely be enhanced. It has also been suggested that Hg 
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clusters can also form with polysulfides (e.g. Hg(S6)22-.17 The bioavailability of these clusters would 
be a function of size and surface charge. Ultimately, knowing the fraction of HgII that actually 
precipitates as a micro solid phase under conditions of supersaturation would shed more light on 
the importance of the formation of β-HgS(s)nano for methylation in the environment.  
 
2) Studies should be performed using porewater DOM to form β-HgS(s)nano to examine the 
methylation rates of β-HgS(s)nano and HgII-DOM species in sediments. In this study, we have used 
DOM extracted from the water column, since the extraction efficiency of the current DOM isolation 
techniques are low and require large volumes of water. As the collection of large amounts of 
porewater can be logistically challenging, we opted to extract DOM from seawater. The use of 
porewater DOM however, would be more representative of Hg-S-DOM conditions typically found 
in sediments where higher methylation rates of mercury occur.19-21 
 
3) In this work, we have shown that HgII-DOM complexes are taken up by methylating bacteria 
preferentially over other HgII complexes commonly found in the sediment. However, reduced sulfur 
compounds in DOM are associated with different components of the DOM. Currently, it is 
analytically challenging to measure the low concentration of individual DOM components, though 
emerging analytical techniques hold great promise for future studies.22 Recent studies have 
suggested that low molecular weight thiols, predominantly cysteine and glutathione, exist in ocean 
surface waters at nM concentrations and are likely present in porewaters at higher concentrations.23 
The better detection of individual thiol complexes in DOM would help in determining which Hg-
thiol components in DOM form bioavailable HgII complexes and the concentration and importance 
of each complex to mercury methylation.   
 
4) Studies looking at other products of the reaction between MeHg and metal sulfide solids should 
also be done. Here we have quantified the rate of DMeHg formation from the reaction of MeHg 
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with reduced sulfur species. Results from previous studies suggest that in addition to DMeHg, β-
HgS(s) and CH4(g) are other possible products that can form from the reaction of MeHg with 
reduced dissolved sulfur.11,12,24,25 Future studies that quantify all the products of the reaction of 
MeHg with reduced sulfur species will help in determining the importance of this pathway also as 
a degradation mechanism for MeHg in addition to its importance for the formation of DMeHg.  
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